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PREFACE 


T he present work has originated in connexion with teaching 
Volumetric Analysis to the author’s students in the College 
Laboratory. Hitherto, most of the books on the subject avail- 
able for the student have been elementary works, which do not 
attempt to cover much ground, and standard works such as that 
of Sutton. It was felt that the educative value of Volumetric 
Analysis justified the production of a book in which an attempt 
was made to treat the subject with some degree of thoroughiiess 
from the theoretical as well as from the practical point of view. 
In this connexion, particular care has been taken to make the 
conception of equivalent weights and normal solutions as clear as 
possible, and also to encourage the student to calculate his results 
from the actual chemical changes which take place, rather than 
to have recourse to the shorter method — excellent for the practical 
analyst — of always working with normal or deci-normal solutions, 
and calculating his results wnth the aid of “ factors.” The author 
ventures to hope that the inclusion of a chapter on the Theory 
of Indicators will increase the interest of the student in the 
theoretical part of the subject. 

The author desires to express his most hearty thanks to 
Mr T. G. Bedford, Editor of the Cambridge Physical Series, for 
many valuable suggestions and criticisms both of the manuscript 
and of the proofs. His thanks are also due to Mr L. F. Newman 
for information regarding certain methods. In the preparation of 
the book, information on particular points has been freely sought 
from larger works, and the author would here express his gratitude 
to the Council of the British Association for their courtesy in 
permitting the reproduction of Figs. 5, 6 and 7, which are taken 
from Mr H. T. Tizard’s valuable paper on the Sensitiveness of 
Indicators in the Report for 1911. 

A. J. B. 


Downing College, Cambridge. 
February y 1915 . 
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CHAPTER I 


INTRODUCTION 
General principles 

Methods employed in quantitative chemical analysis may be 
divided broadly into two main classes, gravimetric and volumetric. 
In the former, the constituents of a substance are determined by 
separation and weighed in the form of compounds of known com- 
position. In the latter, the substance to be estimated is allowed 
to react in solution with another substance of which a solution of 
known strength has been made ; and the volume of the solution of 
known strength which is required for the completion of the reac- 
tion with a certain definite volume of the solution of the substance 
to be determined is observed. In order that a volumetric deter- 
mination may be successfully carried out, it is essential that the end 
of the reaction may be clearly visible to the eye by the a})pear- 
ance or disappearance of some characteristic colour in the solution. 
Volumetric analysis possesses a great advantage over gravimetric 
analysis, viz., that the determination of a substance may be carried 
out with a very much smaller expenditure of time. In a gravi- 
metric method it is necessary to separate the particular constituent 
which it is desired to determine in a state of great purity ; while 
in a volumetric method such perfect separation is very seldom 
required, the presence of relatively large quantities of other 
substances which do not interfere with the particular reaction 
having in general no effect upon the accuracy of the determination. 

' Accuracy of volumetric analysis 

The conditions which determine the accuracy of a volumetric 
method are threefold: firstly the purity of the substance which 
is employed for making up the solution of definite strength known 
as the standard solution ; secondly the accuracy of the measuring 
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vessels; and thirdly, the sensitiveness of the change of colour or 
other device for indicating the completion of the reaction. When 
these three conditions are fulfilled, volumetric methods will be 
found to bear favourable comparison with the best gravimetric 
methods. 

Equivalent weights 

The equivalent weight of a substance is that weight of it which 
will react with a certain definite weight of some other substance. 
For example, it is an experimental fact that 169-9 grammes of 
silver nitrate will completely precipitate the chlorine in 74-56 
grammes of potassium chloride by double decomposition according 
to the equation 

AgNOg KCl - AgCl f- KNO3. 

Again, if silver nitrate be precipitated by means of hydrochloric 
acid, it is found that 169-9 grammes of silver nitrate will precipitate 
the chlorine in 36-47 grammes of hydrogen chloride. These 
experimental results are expressed by saying that one gramme 
molecular weight of silver nitrate is equivalent to 74*56 grammes 
of potassium chloride and to 36-47 grammes of hydrogen chloride 
respectively. 

Again, it has been shown by experiment that one gramme 
molecular weight (40 01 grammes) of sodium hydroxide is capable 
of neutralizing exactly 49 04 grammes of sulphuric acid, or 36-47 
grammes of hydrochloric acid, or 45 01 grammes of anhydrous 
oxalic acid. In other words, these particular weights of sulphuric, 
hydrochloric and oxalic acids are said to be chemically equivalent 
to one gramme molecule of caustic soda and to one another. 

If we consider a third type of reaction, viz., the oxidation of 
a solution of ferrous sulphate in presence of dilute sulphuric acid 
to ferric sulphate by means of potassium dichromate, accurate 
experimental work has sliown that one gramme atomic weight 
of iron (metal), or 55-85 grammes, requires 49-03 grammes of potas- 
sium dichromate for complete transformation from the ferrous to 
the ferric condition, the reaction taking place in accordance with 
the equation 
6 FeS 04 H- 

- K2SO4 + Cr2(S04)3 -f 7H2O -f 3 Feo(S 04 ) 3 . 
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The equivalent weight of potassium dichromate is therefore 
49*03 relative to one gramme atomic weight of iron undergoing 
oxidation from the ferrous to the ferric condition. 

It is clear from what has been stated that th fi ecj ^ ui valent we ight 
of a compound is not nece ssarily identica l i ta mdecularj^ight 
although it is closely relat ed t o it. I n the case of an element the 
equTvhr^jif weiglit is equal to the quotient of the atomic weight 
by the valency. Considering only substances which combine 
directly with hydrogen, we might define the equivalent of a sub- 
stance as that weight of it in grammes which will combine with 
1*008 grammes of hydrogen. But if we wish to extend our 
definition in a consistent manner to substances which do not 
combine directly with hydrogen, we must study the behaviour of 
such substances towards some other element whose equivalent 
weight relative to hydrogen is accurately known. For example, 
it has been shown that 1*008 grammes of hydrogen combine 
directly with 35*40 grammes of chlorine producing 30*47 grammes 
of hydrogen chloride. If this gas be now dissolved in water it 
will be found to neutralize 40 01 grammes of sodium hydroxide 
according to the equation 

HCl 1 - NaOH - NaCl + H^O. 

Again, the neutralization of sulphuric acid by caustic soda 
resulting in the formation of sodium sulphate and water takes 
place according to the equation 

II2SO4 + 2NaOH - ^^a2S04 f- 2H2O. 

From this equation it follows that the ec^uivalent weight of 
sulphuric acid is half its molecular weight. The double decom- 
position of hydrochloric acid and silver nitrate resulting in the 
formation of silver chloride and nitric acid shows that the equiva- 
lent of silver nitrate is 169*9. 

In the third example which we have been considering, viz., 
the oxidation of a ferrous salt to the ferric condition by means of 
potassium dichromate, the value of the equivalent of this oxidizing 
agent is most easily seen from the fact that its decomposition may 
be regarded as due to the breaking down of the molecule K2Cr207 
into KgO, CrgOg, and three atoms of oxygen, which are effective in 
the conversion of the iron from the ferrous to the ferric condition. 


1—2 
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Now it is an experimental fact that two molecules of hydrogen 
(four atoms) combine with one molecule (two atoms) of oxygen in 
the formation of water. Since the atomic weights of hydrogen and 
oxygen are respectively 1*008 and 16, it is clear that the equivalent 
of oxygen is 8, or in other words, one atom of oxygen is chemically 
equivalent to two atoms of hydrogen. Since potassium dichromate 
contains three atoms of oxygen which are available for the trans- 
formation of ferrous into ferric iron, these three atoms of oxygen 
are equivalent to six atoms of hydrogen. The equivalent weight 
of potassium dichromate is therefore one-sixth of its molecular 
weight or J of 294*2 grammes or 49*03 grammes. 

The three examples which we have discussed will indicate 
that by the adoption of equivalent weights a perfectly consistent 
inter-relationship between a large number of substances will be 
found to exist. We may therefore frame a definition of the term 
equivalent which will lead to such a relationship in the following 
terms. The equivalent of any substance, element or compound, 
is ^lat^weqjh grammes j^ich will either directly or in- 

direci;iy,briiig4me>gj:amm^^^^ action. 

The importance of a consistent inter-relationship between the 
equivalent weights will be more readily apparent later. For the 
present the role of the equivalent in the calculation of results of 
volumetric determinations will be discussed. 

Calculation of results 

Suppose that a volume of cubic centimetres of a substance 
A is being determined, and that a volume of ^2 cubic centimetres 
of a substance B containing w grammes per cubic centimetre is 
required to complete the reaction, the weight x, in grammes, of 
substance A in each cubic centimetre is determined by the equation 
VyX equivalent of /I 
V 2 W ” equivalent of ^ ^ 

Normal solutions 

In volumetric analysis a considerable saving of arithmetical 
work may be effected by the employment of standard solutions 
w hich contain the e( | uivalent w eight of the substance in grammes 
dissolved in one litre of the solution Such stai^ar(J' s^^ 
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are termed norma, 1 sr^)ntifln a ; or in oth er words, a normal solution 
may be defin e d as a solution of gucli' a strength that one litre of ^t 
contains that we ig^ht of the solute w hich is chemically eq| uiv alent 
to one fframme of available" t^roj?en. "TFoT purposes 

'"'**"% i^aiM»MW TWWT-|-Tr ii nr ii r- - 1 Tr> i^ m ii ni-rr-ir. .r-. ^ •/ i 

solutions of norinal strength are too strong ; in such cases, it is 
usual to employ solutions of semi-normal or of deci-normal strength, 
while for certain special work solutions of centi-normal strength 
are used. Solutions of normal, semi-normal, deci-normal, and 
centi-normal strength are conveniently abbreviated by the symbols 
N N N , 

N, respectively. The advantage of employing solutions 

of normal or of a sub-multiple of normal strength may be seen from 
the fact that 20 c.c. of a solution of deci-normal HCl will neutralize 
20 c.c. of a deci-normal solution of NaOH or will precipitate 
20 c.c. of a deci-normal solution of AgNOg, in every case without 
any residue of either reagent remaining unacted on. 

The reaction between equal volumes of solutions of normal or 
of some sub-multiple of normal strength however does not hold 
good in all cases, as the following example will show. Potassium 
bi-iodate KH(I03)2 is a substance which can react either as an acid 
or as an oxidizing agent. In the former case, one molecule of the 
substance will neutralize one molecular proportion of potassium 
hydroxide with formation of two molecules of potassium iodate 
according to the equation 

KH(I03)2 + KOH = 2KIO3 q- H2O. 

This reaction indicates that a normal solution of potassium 
bi-iodate should contain the molecular weight of the substance 
(390 grammes) dissolved in one litre. In the latter case potassium 
bi-iodate will liberate iodine from potassium iodide in presence of 
an acid, one molecule of the bi-iodate liberating six molecules of 
iodine as represented by the equation 

KH(I03)2 + lOKI -i- llHCl = 612+1 IKCl + GHgO. 

Since one molecule of potassium bi-iodate liberates six molecules 
of iodine which are equivalent to twelve atoms of hydrogen, it 
follows that as an oxidizing agent the normal solution of this 
substance should contain one-twelfth of the molecular weight in 
grammes per litre. 
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It is clear, therefore, that the equivalent weight of a volumetric 
reagent is not an invariable magnitude like the molecular weight, 
but may be different in different reactions. It is in other words 
impossible to prepare normal solutions of all substances which shall 
possess the property that a given volume of one shall react quanti- 
tatively with an equal volume of any of the others. However, 
the number of substances which do conform consistently to the 
normal system is so great that even at the present time the system 
is of great practical value. 

For many technical purposes it is usual to prepare standard 
solutions of such strength that the number of cubic centimetres 
of solution required for titration corresponds to a certain percentage 
of purity of the substance which is being examined. 

Classification of methods in volumetric analysis 

There are three main methods in volumetric analysis. The 
first is the dir,^^^^ method which includes all cases where the sub- 
stance to be determined is estimat^ as the result of a single 
deco mposition in the solution ; sucE processes include the deter- 
mination of ac i3s^ mean s of alkalis, of chlorides by silver nitrate, 
and of ferrous salts by means of potassium dichromate as well as 
numerous others. Secondly, there are indirect methods in which 
one or more intermediate reactions come into play ; such processes 
include the determination of peroxides by distilling with hydro- 
chloric acid, passing the chlorine into excess of potassium iodide, and 
determining the liberated iodine by means of sodium thiosulphate. 
Lastly , there are methods in which the substance to be determined 
is treated with a measured excess of some other substance for the 
purpose of reacting with it, and the excess of the added substance 
is then determined by some other reagent. As an example of 
this residual method, reference may be made to the estimation 
of ammonium salts by adding a known exces s of standa rd 
alkali, boiling the solution to effect the'^ISecompdsitidh^^^o 

Rm monium**liSfr^ the'nr^o^^*^^ and Uien 

d etermining the excess of „ alkali remainin g oveiTTy means of 
standard acid . 

^ There are no general rules for selecting any one of these three 
general methods in preference to the others. There are many 
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substances which may be determined by any of these methods 
with equally satisfactory results. In certain cases it is convenient 
to make a combination of the direct or of the indirect method 
with the residual method. 

Besides classifying volumetric methods according to the 
general experimental procedure, it is convenient to classify them 
according to the type of reaction which takes place in effecting 
the estimation. Three main types of chemical action are made 
use of in most of the commonly occurring volumetric processes. 
Firstly there is neutralization , or the double decomposition of acids 
a nd bases resulting in the formation of a salt and water ; this method 
is employed for the estimation of acids and alkalis. Jn the s econd , 
analysis is effecte d by oxidation or reduction , tj^substocejb^^ 
converted from a lower to a higher degree of oxida tion bv means 
of an oxidizing agent of know n value , or conyexaely iiom a hi gher 
t( ^ a lo w^ degree o1 oxf^a^Smi Tfe j ^e^ns ^ qf a sta nd reducing 
agent . Tii’ the tEie determination of the substance is 

effected by precipitation in an insoluble f orm by d ouble decom - 
gos^jU R&. i dctoam^i^on. of^yer in solution by potas sium 
cWqridfi^ 

Classification of volumetric processes according to the main 
types of reaction which take place is convenient for many purposes, 
but it does not include all processes. The determination of copper 
by the decolorization of an ammoniacal solution of the metal 
by means of potassium cyanide does not admit of classification 
under any of the foregoing heads. 

Apparatus employed in volumetric work 

It is perhaps superfluous to give an account of the ordinary 
measuring vessels — pipettes, burettes, and measuring flasks — 
employed in volumetric analysis, since no written description of 
them can possibly make the reader as familiar with them as 
practical work in the laboratory. A few details regarding the use 
of burettes and pipettes however must be given. These vessels 
must be thoroughly cleansed before use, and then washed out 
with a small quantity of the liquid with which they are to be filled 
in order to prevent dilution of the solutions with water adhering 
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to the surface of the glass. The correct reading of graduated 
apparatus is important. In consequence of capillarity, the surface 
of a liquid in a narrow vessel is always curved and if, as is usually 
the case, the li([uid wets the glass, the surface will take the form 
of a concave meniscus. In reading the height of the liquid, the 
level of the lowest part of the meniscus is always taken, and it is 
important to place the eye on a level with the meniscus, as otherwise 
errors will be introduced. In allowing the contents of pipettes 
to flow into flasks previous to titration, sufficient time must be 
allowed for the liquid to drain down the walls of the vessel. The 
same remark may b(i made in titrating liquids when the liquid is 
allowed to flow rapidly from the burette ; before reading the level 
of the liquid, time must be given for the liquid to drain down the 
tube, since otherwise the burette reading will be too high. 


Errors in volumetric analysis 

It has been already stated that the accuracy of a volumetric 
process depends on three main factors, viz., the purity of the 
substance employed for making up the standard solutions, the 
accuracy of the measuring vessels, and the sensitiveness of the 
change of colour for indicating the completion of the reaction. 
Besides these factors there are others which depend upon the 
conditions of experiment, and in this connexion reference must be 
made to the influence of the strength of the working solutions 
upon the accuracy of the process. This may perhaps best be 
illustrated by a practical example. Suppose it is desired to 
determine the percentage of sodium carbonate in a specimen of an 
impure alkaline substance by titration with standard hydrochloric 
acid. The reaction takes place in accordance w^h the equation 

. Na^COa + 2HC1 = 2NaCl 4- HgO + 

Is the determination more accurate when carried out wth normal 
acid or with deci-normal acid ? 

Suppose that 0-5 gramme of the substance is weighed out 
and titrated with normal acid, and that 4*0 cub^ centimetres of 
acid are required. The weight of anhydrous sodium carbonate is 
equal to 4 x 0*053 grammes, and the percent^^i^ of it is 42*4 . 
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If in the determination an error of one-tenth of a cubic centi- 
metre in the burette reading is made, that is, if 4*1 c.c. are used 
instead of 4*0 c.c., the weight of sodium carbonate is 4*1 x 0-053 
grammes, and the percentage of it is 43*4. " 

If instead of weighing out 0*5 gramme for the determination, 
5 grammes are taken and titrated with normal acid, 40 c.c. of acid 
will be required, corresponding to a weight of 40 x 0-053 grammes 
of sodium carbonate, or a percentage of 42-4. 

Suppose that in the determination the reading of the burette 
40-1 c.c. instead of 40*0 c.c., the error introduced is only one 
part in 400, with the result that the percentage of sodium carbonate 
will be 42-5 . 

The result of the example which we are discussing is to show 
the advantage of adjusting matters so that a relatively large 
volume of liquid is run out from the burette. An error of one- 
tenth of a cubic centimetre gives rise to a smaller error the greater 
the volume of the liquid run out. 

If we modify the procedure in the above experiment by titrating 
the alkaline carbonate with deci-normal hydrochloric acid instead 
of the normal acid, and take 0*5 gramme of the substance, the 
titration with deci-normal hydrochloric acid will require 40 c.c., 
corresponding to 40 x 0 0053 grammes of sodium carbonate, that 
is to a percentage of 42-4. If an error of 0-1 c.c. is made, that 
is, if the burette reading is 40*1 c.c. instead of 40-0 c.c., the error in 
the final result will lead to a percentage of sodium carbonate equal 
to 42-5, or approximately to an error of one part in four hundred. 

It is clear that we have realized the same degree of accuracy 
by working with deci-normal acid and taking the smaller quantity 
of substance ais we have realized by employing normal acid with 
ten times the jquantity of substance. When economy of material 
is a consideration, the employment of the more dilute acid is 
therefore to be recommended. 

The advantage of working with a deci-normal standard solution 
in preference to one of normal strength is however obviously only 
secured if the change of colour denoting the completion of the 
reaction, or the end-point as it is called, is defined with equally 
great precision in solution to what it is in a more concen- 
trated solution. no means always the case ; and in the 
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particular example which has been quoted, where the end point 
is usually defined by the addition of a drop of methyl orange 
(Chapter viii), the change of colour is somewhat more sharply 
defined in solutions of normal strength than in solutions of deci- 
normal strength. For this reason, it is inadvisable to frame any 
hard and fast rules for the employment of more dilute rather than 
of more concentrated standard solutions; all that can be said is 
that the conditions sh o uld be adjusted so that as large a volum e 
of liquid is allowed to 3ow from the burette as possible: in no 

I * "" r r ■■ Trwm n»im»Dwrfgr i^i***^ iawmmknv 

case sliQ uld less than 10 c.c. be run iy;ir 

In discussing the accuracy of volumetric determinations, 
particularly as regards the calculation of results from experiments, 
it is of course essential to know how much reliance is to be placed 
upon the measuring vessels. Ordinary pipettes and burettes are 
usually to be relied upon to an accuracy of the order of one-half 
per cent. If greater accuracy than this is required it is necessary 
to calibrate the measuring vessels by filling with water and deter- 
mining the weight of water which they contain or deliver. If we 
are dealing with ordinary apparatus which has not been specially 
calibrated, it is not only mere waste of time to continue the arith- 
metical work beyond a certain point, but the result has no definite 
meaning. The process of calculation should be carried only a little 
way beyond the degree of accuracy of the experimental work, in 
order to ensure that no error is introduced into the final result 
by the process of calculation. 

In connexion with the accuracy of measuring vessels, it is 
important to bear in mind that the process of weighing out the 
substance for the standard solution need not be carried out with 
greater precision than corresponds to the accuracy of the vessels 
which are to be employed to measure the standard solution. As 
a matter of fact the process of weighing should be carried out 
a little more accurately than the accuracy of the measuring vessels 
in order to ensure that the maximum accuracy of the standard 
solution is realized. 

In carrying out volumetric determinations, it is sometimes 
asked by beginners whether to run the standard solution from the 
burette into the solution the strength of which is being determined, 
or to reverse the process, that is, to measiire out a known volume 
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of the standard solution and titrate with the solution which is 
under investigation. It is obvious that if both measuring vessels 
are equally accurate, and if the change of colour denoting the end- 
point of the reaction is defined with equal precision in either 
direction, the result should be identical whichever way the titra- 
tion is carried out. From that point of view it is immaterial 
whether the standard solution is used in the pipette or in the 
burette; nevertheless it will in most cases be found more convenient 
to run the standard solution from the burette into the unknowm 
solution. In cases, however, in w'hich the colour change is defined 
with greater precision by reversing the usual procedure, the 
advantage of greater accuracy should be secured. This is particu- 
larly to be observed in cases in which the strength of the standard 
solution has been determined under special conditions which require 
to be uniformly satisfied in order to obtain consistent results, as 
is the case with some volumetric processes which are purely 
empirical. 

It cannot be too strongly impressed upon students that in 
volumetric analysis, as in all other quantitative experimental 
W’ork, it is a fatal mistake to be satisfied with a single observation. 
The student should make it a rule for himself never to calculate 
the result of a determination from a single titration. Two or 
three concordant titrations should always be obtained before 
proceeding to the calculation, which is to be carried out with 
“approximate” atomic weights. “Accurate” atomic weights are 
only to be used when carefully calibrated measuring vessels are 
employed in the experiments. 

Pre'paration and storage of standard solutions 

Solutions of known strength may readily be prepared by 
dissolving the weighed quantity of the pure substance in water 
and diluting to the necessary volume. When large quantities of 
standard solution are required, and when the purity of the dissolved 
substance is open to doubt, solutions of approximate strength may 
be prepared and the exact strength determined by titration wdth 
a solution of accurately knowm strength prepared from the purest 
materials. In all cases of making up large quantities of standard 
solutions from substances which are only approximately pure, it 
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is advisable to take a slightly greater quantity of substance than 
the theoretical, in order that a solution of the required strength 
may be obtained by dilution after the exact strength has been 
determined by titration. If solutions of normal or sub-normal 
strength are required and a solution of a strength approximating 
closely to the exact value has been prepared, it is often more 



Fig. 1. Reservoir ia direct communication 
witli burette. Tlie tube a may be 
placed in direct counoxion with an 
apparatus for generating hydrogen. 



Fig. 2. Automatic delivery 
pipette. The apparatus 
is filled or emptied by the 
tap /, 


convenient to determine by titration how far the solution deviates 
from the strictly normal or sub-normal strength, and to express the 
deviation in terms of a factor, than to dilute by adding more 
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water, or to concentrate by evaporation to make the strength of 
the solution the exact value. For many purposes, however, it is 
more convenient to work with solutions the exact strength of which 
is known and to calculate the results of the analyses from the 
general equation (p. 4) 

ViX equivalent of A 

v^w equivalent of B ' 

The permanence of standard solutions varies greatly with the 
nature of the dissolved substance. Some substances, like potas- 
sium dichromate, are absolutely permanent in aqueous solution, 
so that if precautions are taken to guard against loss of solvent 
by evaporation, the strength of the solutions will remain unchanged 
for an indefinite period. Other substances, like sodium thio- 
sulphate, are much less stable in solution, so that the standard 
solutions should be titrated at frequent intervals in order to verify 
their exact strength. Some substances like potassium perman- 
ganate are somewhat sensitive to light; solutions of such substances 
should therefore be preserved in dark blue bottles and kej)t in 
the dark. 

For many purposes, when the standard solutions KHjuire to be 
protected from the air, as is the case with titanous chloride, it is 
convenient to store the solution in a reservoir which is in direct 
communication with a burette (Fig. 1) or with an automatic 
delivery pipette (Fig. 2). 

The thermal expansion of solutions 

In the preparation of standard solutions, the influence of 
temperature on the volume of the resulting liquid must be carefully 
borne in mind. The coefficient of expansion of solutions is by no 
means identical with that of pure water ; in general, solutions 
possess a higher coefiicient. Consequently if heat has been em- 
ployed in dissolving a solid for the preparation of a standard 
solution, sufficient time must be allowed for the liquid to acfjuire 
a constant volume before diluting it to a standard volume. The 
same remark applies to the case of substances which dissolve in 
water with considerable absorption or evolution of heat. The 
temperature coeflScient of expansion of solutions of moderate 



14 VOLUMETRIC ANALYSIS [CH. 

strength is in general considerably greater than that of more 
dilute solutions. This is an additional reason for preferring solu- 
tions of the order of deci-normal strength to those of normal 
strength. 

In connexion with the thermal expansion of liquids, mention 
may be made of the degree of accuracy with which burettes should 
be read. The burettes in common use are graduated in tenths 
of a cubic centimetre, and may be read with accuracy to one- 
twentieth. Even in the case of burettes which are calibrated 
accurately, it is mere waste of time to attempt to read the volume 
of liquid to any greater degree of accuracy than this, unless the 
temperature of the liquid is maintained w’ithin narrow limits. 


Reactions in aqueous solution 

When a substance is dissolved in water, the properties of the 
resulting solution indicate that in many cases a change takes 
place. It is by no means always an easy matter to say w^hether 
the change is to be regarded as a physical or a chemical one. In 
some cases it appears that the substance dissolves without change. 
That is to say, the properties of the solution depending upon osmotic 
effects indicate that the substance in solutioTi possesses a molecular 
weight equal to that which is arrived at by other methods. Alcohol 
and cane sugar dissolve to form solutions of this kind. Again, 
hydration may take place. Hydration is a true chemical change, 
the substance actually uniting with one or more molecules of water 
when brought in contact with the solvent. Further, hydrolysis 
may take place. It may be stated that any reaction in which 
water plays an essential part other than by mere addition is termed 
hydrolysis. This phenomenon is of exceedingly common occur- 
rence and manifests itself more particularly in connexion wnth the 
appearance of acidic or basic properties when certain salts are 
dissolved in water. It is of great importance in reactions involving 
neutralization. Lastly, the properties of solutions of that large 
class of substances known as salts are of such a nature that the 
theory has been put forward that these substances undergo 
electrolytic dissociation to a greater or less extent when dissolved 
in water. Solutions of substances which are electrolytically 
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dissociated are extremely reactive, and the reactions are so rapid 
as to be practically instantaneous. Such reactions play a very 
prominent part in volumetric analysis ; but for most purposes it 
is unnecessary to introduce the ionic theory in the discussion of 
volumetric methods, and it is perhaps preferable to avoid doing 
so. The theory of indicators (Chapter ix) is however so very 
greatly facilitated by the hypothesis of ionization that no apology 
is necessary for making free use of it in that connexion. 



CHAPTER II 


DETERMINATIONS WITH STANDARD 
POTASSIUM PERMANGANATE 

Potassium permanganate, KMn^^ is a dark crystalline solid, 
which dissolves in water forming a beautiful deep purple solution. 
This solution possesses very po werful o;^idii;aing ..pepp er t ies. Its 
maximum oxidizing action is obtained when it is employed m 
presence of free acid.^ ^ For this purpose sulphuric acid is employed. 
Mtric acid being itself possessed of oxidizing properties is inad- 
missible for volumetric work. Hydrochloric acid has been employed 
in certain cases, but the use of this aeid is not to be recommended, 
for reasons which we shall explain later. In order to understand 
the oxidizing power of potassium permanganate in presence of 
sulphuric acid, it is necessary to bear in mind that the essential 
action consists in the decomposition of the permanganate in 
accordance with the equation 

2 KMn 04 -f 3H2SO4 - K2SO4 -f- 2 MnS 04 H 1- 50 . 

The five atoms of oxygen are not liberated in the gaseous state 
but are given up to any oxidizable substance which may be present 
in the solution. Thus oxalic acid is converted into carbon dioxide 
and water 

5H2C2O4 -f 50 - IOCO2 + 5H2O. 

Again, we may represent the oxidation of a ferrous salt as con- 
sisting in the conversion of ferrous oxide FeO into ferric oxide 
FcoOg as follows 

lOFeO + 50 - 5Fe203. 

The complete equation for the oxidation of oxalic acid is therefore 

2KMn04 1- 3H2SO4 -f 5H2C2O4 

- K2SO4 + 2 MnS 04 -i- 8H2O + lOCOo. 
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Again, the complete equation representing the conversion of a 
ferrous salt into a ferric salt may be written 

2KMn04 + 8H2SO4 + 10FeSO4 

= K2SO4 4 - 2 MnS 04 -1- 8H2O 4 5 Fe 2 (S 04 ) 3 . 

Many other substances may be oxidized quantitatively by 
potassium permanganate in presence of sulphuric acid. We shall 
discuss these later. 

We defined a normal solution of a volumetric reagent as a 
solution containing in one litre that fraction of the molecular 
weight which corresponds to one gramme of available hydrogen. 
Now in the case of potassium permanganate, since two molecules 
of KMn04 give rise to five atoms of available oxygen, and since 
five atoms of oxygen are equivalent to ten atoms of hydrogen, the 
normal solution of this substance must contain one-fifth of the 
molecular w^eight in grammes in one litre. Tn other words, the 
normal solution should contain 31 -G grammes of the salt per litre. 
It is however more usual to employ this reagent of deci-normal 
strength, the solution containing therefore 3*16 grammes of the 
substance dissolved in one litre. 

Potassium permanganate is now readily obtainable of a veiy 
fair degree of purity. A solution of approximately deci-normal 
strength may therefore be readily prepared by dissolving the 
requisite quantity of the substance in water and diluting the 
solution to the calculated volume. It is necessary to determine 
the exact strength of the solution ; and this may be done in either 
of the two following ways. 

(a) By ferrous ammonium sulphate, FeS04(NH4)2S0461l20. 
This double salt may be prepared in a high degree of purity by 
recrystallization of the commercial product. Or the salt may be 
prepared by dissolving in separate small quantities of hot water 
amounts of ferrous sulphate, FeS047IT20, and of ammonium 
sulphate, (NH4)2S04,in the proportions of their respective molecular 
weights. It is advisable to add a few drops of dilute sulphuric 
acid to the iron solution to prevent the formation of basic salt. 
On mixing the two solutions and cooling, the double salt, being 
less soluble in water than the single salts, separates in the form 
of small crystals. These crystals are washed v/ith cold water, 
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recrystallized, and finally dried by pressing between filter paper. 
A suitable quantity, say 4 or 5 grammes, is then weighed out 
carefully, dissolved in water, and made up to some definite volume. 
Aliquot portions are then withdrawn, acidified with dilute sulphuric 
acid, and the solutions titrated with the solution of potassium 
permanganate. The permanganate is added from a burette 
provided with a glass tap : a rubber joint must not be used a s it 
would reduce the permanganate. No indicator is added to the 
liquid, since the slightest excess of permanganate imparts a per- 
manent pink colour to the solution. Several titrations must be 
made, and they must agree with one another to one-half per cent. 
The double iron salt contains almost exactly one-seventh of its 
weight of iron, as may be seen by calculating its percentage 
composition from its molecular formula. 

If Vi c.c. of the ferrous solution require for complete oxidation 
V 2 c.c. of KMn 04 , the strength of the solution of potassium perman- 
ganate is given by the equation 

Vi X weight of iron in 1 c.c. _ equivalent of iron 1 0 x 56 

V 2 X equivalent of permanganate 2x 158 ’ 

where x is the weight of the permanganate per c.c. 

(b) By oxalic acid. As we have mentioned already, oxalic 
acid is oxidized (jjuantitative ly to carbo n dioxi de and water 
potassium per manganat^in^ presence of dilute sulphuric aci^. 
The recrystailized acid containing two molecules of water of 
crystallization serves admirably therefore for the standardization 
of permanganate. Some operators prefer to use sodium oxalate, 
Na 2 C 204 , which crystallizes anhydrous, as there seems to bo a slight 
doubt about the constancy of the water of crystallization of thq 
free acid. In either case the method of procedure is the same. 
A standard solution of oxalic acid or of sodium oxalate is prepared 
by dissolving a weighed quantity of the substance in water and 
diluting the solution to the required volume. Aliquot portions 
are then withdrawn for the titratiQji,.-»eidifted with dilute sulphuric 
acid, a nd warmed to about 60^ or 70"^ C. an d the permanganate 
solution added slowly until a faint permanent pink colour remains 
in^ the liquid. for, war ming ^e sol utions prev iou s 1:o 

titration is^at the velocity 6F the reaction between oxalic acid 
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and EotasMum jmrmanga^ n ot great at the ordinary tempera- 
ture, but as is usualiy the velocity is enormously 

increased an elevation of temperature. Once the readSon has 
siaft^^aajgaaag ft^ W»il>i»ie. which is for^“(i as A-bYJgoduct 
of the rea ct ioiujacta .as a catalyst on the oxidation of the oxalic aci^ . 

may indeed be t itrated at the o r dinary temperature 

ff o f^m a ftg a a o m ju l pto j»t- the, begiiwin^. 

but the process is in j,nv case considerably slower than if the 
solution be warna^. The reaction between oxalic acid and 
potas^s ium pernianganate in jpresence of sulphuric acid is an 
^eresting example of autocatalysis, i.e. of catalysis of the main 
reaction by one of the products of the reaction. 

The calculation of the strength of the solution of potassium 
permanganate is made from the equation 

Vi X (weight of oxalic acid per c.c.) 
v^x 

equivalent of oxalic acid 5 x 126 
equivalent of permanganate f x 158’ 

In titrating oxalic acid or a ferrous salt by permanganate it is 
important not to add the^i^gent too rapidly, otherwise a brown 
precipitate of hydrated higher oxides of manganese may be pro- 
duced, and it is exceedingly difficult to remove this precipitate 
afterwards. All titrations in which a precipitate appears should 
be rejected. 

A standard solution of potassium permanganate will retain its 
strength for a long period, especially if preserved from light by 
storing it in dark blue bottles. 

Determination of ferrous and ferric iron by ^potassium permanganate 

The determination of ferrous salts has virtually been described 
in discussing the use of ferrous ammonium sulphate as a reagent 
for standardizing permanganate, and no further discussion is 
necessary. Ferric salts must first be reduced to the ferrous con- 
dition, and the resulting solution titrated by permanganate in the 
prdinary way. Of the various substances employed as reducing 
agents, the following are the most generally used : zinc and 
sulphuric acid, hydrogen sulphide, and sulphur dioxide. 
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The procedure for reducing ferric solutions by means of zinc and 
sulphuric acid is as follows. Aliquot portions of the iron solution are 
placed in separate flasks, a moderate amount of granulated zinc and 
dilute sulphuric acid added to each and the contents warmed. From 
time to time a drop of the liquid undergoing reduction is removed 
by means of a glass rod and brought in contact with a drop of 
ammonium thiocyanate on a white tile. As long as any ferric 
iron remains, a dark red colour is produced due to the formation 
of ferric thiocyanate, but when the iron is completely converted 
to the ferrous condition, the drops on the spot plate remain colour- 
less when tested with the iron solution. The solution of ferrous 
sulphate is next separated from undissolved zinc by filtration 
through.^ass wool. Water is next added to the flask, allowed to 
ffow through the glass wool, and the washings added to the reduced 
filtrate, which is titrated with potassium permanganate in the usual 
way. 

The reduction of ferric salts to the ferrous condition by means 
of zinc and dilute sulphuric acid is frequently regarded as taking 
place in consequence of the so-called nascent hydrogen generated 
by the action of the metal on the acid, since it is impossible to 
effect the reduction of the ferric salt by simply bubbling hydrogen 
through the solution. It must be pointed out, however, that no 
such explanation can be regarded as satisfactory, whatever views 
are entertained with regard to the nascent state. If there be any 
truth in the idea of nascent hydrogen, it is obvious that this sub- 
stance should possess the same properties whatever be the source 
from which it is derived. Now it has been shown that solutions of 
vanadium corresponding to the pentoxide VgOg are reduced to the 
dioxide VgOg by zinc and hydrochloric acid, but when magnesium 
is employed instead of zinc, then salts of vanadium corresponding 
to the trioxide VgOg are obtained. This behaviour of vanadium 
salts is a striking example of the futility of the idea of nascent 
hydrogen as a definite reducing agent independent of the source 
from which it is obtained. 

In reducing a solution of ferric sulphate to the ferrous condition 
by means of zinc and sulphuric acid, it is advisable in all cases to 
follow the method of procedure already described, viz., to add 
a considerable excess of granulated zinc and to separate the excess 
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of the metal by filtration after the redaction of the iron solution 
is complete, rather than to add only a small quantity of zinc and 
allow the action to continue until all the metal has dissolved, 
because the reduction takes place essentially at the surface of the 
zinc, and the process is all the more rapid the greater the surface 
of metal exposed to the solution. The reduction of ferric salts 
by means of zinc yields excellent results. It is perhaps scarcely 
necessary to point out that the zinc used must be free from iron 
and other impurities such as arsenic. 

If sulphuretted hydrogen be selected as the reducing agent, 
aliquot portions of the iron solution are diluted with water, acidified 
with a little dilute sulphuric acid, and saturated with the gas 

Fe2(S04)3 -1 H^S - 2FeS04 ^ H^SO^ -f S. 

When it has been ascertained by the thiocyanate test that 
reduction is complete, the solution is boiled to expel the excess of 
hydrogen sulphide, and to granulate the precipitate of sulphur. 
The sulphur is then filtered off, washed with water, and the filtrate 
and washings titrated with permanganate. 

For many purposes the reduction of solutions of ferric iron may 
be effected in a very satisfactory manner by the use of sulphur 
dioxide. The gas may be generated in situ by adding a few crystals 
of sodium sulphite to the measured quantity of the solution of 
the ferric salt, and acidifying with dilute sulphuric acid ; or the 
solution may be saturated directly with sulphur dioxide by bubbling 
the gas from one of the syphons of the liquid. In cither case it 
is important to have the solution dilute and to avoid having too 
much free acid present, otherwise the reduction does not proceed 
very easily 

^63(804)3 -1- SO2 f 2H2O - 2FeS04 + 2H2SO4. 

The solution is now heated to boiling and drops are brought in 
contact with drops of ammonium thiocyanate in order to observe 
the progress of the reaction. The boiling is continued until the 
sulphur dioxide is completely expelled. The solution is then 
cooled and titrated with permanganate. 

It is to be observed that while all three reduction methods give 
satisfactory results as far as the actual reduction of a ferric solution 
is concerned, circumstances may arise when one or other method 
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is to be preferred. For example, if for any reason it is essential 
to avoid the introduction of a foreign metal into the solution, 
then one would make use of hydrogen sulphide or sulphur dioxide 
as the reducing agent. 

Determination of ferrous and ferric iron in a mixture 
Measured quantities of the solution are acidified with dilute 
sulphuric acid, and then titrated with potassium permanganate 
in the usual way. If n^ c.c. of permanganate are required, this 
quantity represents the amount of ferrous iron in the quantity of 
the mixture taken. The same quantities of the mixture are 
again measured out and reduced by any of the methods already 
described. These solutions are then titrated with permanganate. 
This second titration, c.c., represents the total iron in the 
measured quantity of the solution. The ferric iron is therefore 
represented by {n^ - %) c.c. of potassium permanganate. 

Determination of hydrogen peroxide in aqueous solution 
Since hydrogen peroxide and potassium permanganate react 
in presence of sulphuric acid in the manner represented by the 
equation 

5H2O2 + 2 KMn 04 + 3H2SO4 - K2SO4 I- 2 MnS 04 + 8H2O DOa, 
the former substance may be very easily determined. But since 
commercial hydrogen peroxide frequently contains organic matter 
to act as a preservative to prevent spontaneous decomposition, 
this organic matter undergoes oxidation by permanganate, and 
the method therefore is liable to give high results. Consequently 
this method is not to be recommended for the determination of 
this substance. A better method of determining hydrogen peroxide 
is described in Chapter v. 

Determination of ferrocyanides 

Potassium ferrocyanide is very easily oxidized to potassium 
ferricyanide by means of potassium permanganate in presence of 
dilute sulphuric acid. The reaction takes place in accordance with 
the equation 

lOK^FeCgNe + 8H2SO4 + 2KMn04 

= lOEgFeCeNe + 6X3804 + 2MnS04 + SHgO. 
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In presence of dilute sulphuric acid, the ferrocyanide solution 
possesses a greenish yellow colour. The ferricyanide on the other 
hand is possessed of a golden yellow colour. In this reaction the 
end-point to be aimed at is not the faint pink colour to which 
the operator is familiar in permanganate work, but the point at 
which the solution changes from greenish yellow to a rich golden 
brown. A little practice will soon enable the experimenter to 
determine the point without difficulty. 

Determination of oxidizing agents by means of 
potassium permanganate 

Many oxidizing agents may be determined in a very satisfactory 
manner by allowing them to react with a known excess of ferrous 
sulphate, and then determining by titration with potassium 
permanganate the amount of ferrous iron remaining. The differ- 
ence between the amount of ferrous iron originally taken and that 
found by the permanganate titration represents the oxidizing 
power of the substance which is being determined. Persulphates, 
for example, may be determined in this way. 

Use of potassium permanganate %n presence of hydrochloric acid 

The simplicity and accuracy of the use of permanganate has 
led many chemists to attempt to employ it as a volumetric process 
in presence of hydrochloric acid instead of sulphuric acid in cases 
where the use of the former acid is necessary. But, unless certain 
precautions are taken, the titration of ferrous iron by means of 
potassium permanganate in presence of hydrochloric acid gives 
rise to inaccurate results. It has been stated by some chemists 
that hydrochloric acid and potassium permanganate react together 
with evolution of chlorine according to the equation 

2KMn04 + 16HC1 = 2KC1 + SHgO + 2MnCl2 + 5 CI 2 , 

and that complications are thereby introduced. It is, however, 
certain that the formation of chlorine does not take place in 
dilute solutions in the simple manner represented by this equation, 
since it is impossible to demonstrate the formation of chlorine by 
merely bringing together diliUe solutions of hydrochloric acid and 
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potassium permanganate. But if dilute solutions of hydrochloric 
acid and potassium permanganate are brought together in presence 
of a ferrous salt, then chlorine is formed in sufficiently great amount 
to be easily recognizable by its odour ; in other words, the evolution 
of chlorine is in some manner connected with the presence of iron. 
It has further been shown by Fresenius that if one takes a given 
volume of a hydrochloric acid solution of a ferrous salt, and titrates 
it with potassium permanganate, and then adds to the titrated 
solution an equal volume of the original iron solution, and again 
titrates, the volume of permanganate required to complete the 
reaction is greater in the first case than in the second. If the 
experiment be repeated a third and a fourth time in the manner 
described, it will be found that the volumes of permanganate will 
become still smaller, and then remain constant. When constant 
volumes of permanganate are obtained, it will be found that those 
volumes are an approximately correct measure of the amount of 
ferrous iron which is undergoing oxidation. It has also been found 
that approximately correct results are obtained if a moderate 
quantity of manganous sulphate be added to a hydrochloric acid 
solution previous to titration with potassium permanganate. 

We have now to ask ourselves two questions; first, in what 
manner does iron act in causing the formation of chlorine from 
a mixture of dilute solutions of hydrochloric acid and potassium 
permanganate, and, secondly, how does the addition of manganous 
sulphate to the solution prevent the formation of chlorine? It 
would scarcely be within the scope of the present work to enter 
into an elaborate discussion of the various explanations which 
have been offered for these curious phenomena, but it may be stated 
that the theory which has perhaps attracted most attention is 
that developed by Manchot and others, according to which the 
iron while being converted from the condition corresponding to 
ferrous oxide, FeO, absorbs oxygen so rapidly from the perman- 
ganate that a higher oxide of iron than ferric oxide, Fe203, is 
formed, perhaps FcgOg. This higher oxide then decomposes into 
ferric oxide and oxygen, wffiich reacts with the hydrochloric acid 
with development of chlorine. If, however, a manganous salt is 
present in solution, this salt is capable of acting as a carrier of 
oxygen, the manganous salt being oxidized by the iron peroxide 
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to a higher oxide of manganese, and this higher oxide of manganese 
effects the oxidation of more ferrous iron. 

The oxidation of a ferrous salt by acidified potassium perman- 


ganate may be represented in the following manner 

Mn 207 + 2FeO = 2 Mn 02 + ^^^205 (1), 

Fe 205 + 4FeO 3 FC 2 O 3 (2). 

The manganese peroxide formed according to equation ( 1 ) also reacts 
with more ferrous oxide, resulting in the formation of ferric oxide 

2 Mn 02 + 4FeO - 2 Fe 203 + 2MnO (3), 


so that the familiar result of ten molecules of ferrous salt becoming 
oxidized by two molecules of permanganate into five molecules of 
ferric salt is obtained. Reaction (2), according to Manchot (Annalen 
der Ghem. 325, 1902, p. 105), takes place in sulphuric acid solution 
with such great rapidity that no free oxygen is liberated, and 
consequently the results are accurate. 

In presence of hydrochloric acid, however, the iron peroxide 
reacts with the hydrochloric acid resulting in the formation of 
chlorine, according to the equation 

Fe205 + lOHCl - 2FeCl3 f 5 H 2 O + 2 CI 2 (4). 

But, if a manganous salt is present in sufficient quantity, the 
production of chlorine is prevented in two ways, first, because the 
manganous salt reacts with the permanganate forming hydrated 
manganese peroxide according to the equation 

Mn 207 4- 3MnO - SMnOa (5), 

and, secondly, because the manganous oxide reacts with the iron 
peroxide resulting in the formation of ferric oxide and manganese 
peroxide 

FcgOg + 2MnO - 2Mn02 + FeaOg (G)- 

This explanation of the formation of chlorine during the titration 
of a hydrochloric acid solution by means of potassium perman- 
ganate, and the prevention of the evolution of chlorine by the 
addition of a sufficient quantity of a manganous salt, seems to 
accord fairly well with the observed facts ; but, nevertheless, the 
titration of iron by potassium permanganate in presence of hydro- 
chloric acid is not to be recommended, as undoubted irregularities 
have been found to occur even in presence of excess of a manganous 



26 


VOLUMETRIC ANALYSIS 


[CH. 


salt. The method is at best an empirical one. In particular, it 
has been shown by Rirch (Chem. News, 1909, pp. G1 and 73) that 
the method of conducting the determination as recommended 
by Ireseniiis does not give accurate results. If it is necessary to 
determine iron in presence of hydrochloric acid, the best plan is 
to employ potassium dichromate as the oxidizing agent. 


Deternn nation of metals irhich form insoluble oxalates 

Inasmuch as oxalic acid may be determined by permanganate 
with gr(‘at ease and accuracy, metals which are (juantitativelv 
precipitated as oxalates may be estimated by decomposition of the 
oxalate by meatis (»f dilute sulphuric acid, and titration of the 
resulting oxalic acid by standard potassium permanganate. As 
an example we shall describe tin* procedure for the determination 
of calcium in Iceland 8par (CaCOg). 

A suitabh' (juantity of Iceland »Spar is vvanglied out and dissolved 
in excess of dilut<i hydrochloric acid, care being taken to avoid 
loss of licjuid by spirting, llie solution is next made alkaline 
with ammonia, a small ((uantity of ammonium chloride added, 
and the calcium precipitated by addition of excess of ammonium 
oxalate. The precipitate is next collected, washed free of the 
excess of the precipitant, and then decomposed with dilute sul- 
phuric acid. The solution is next made up to a known volume 
with distilled water, aiul alicjuot portions are titrated with 
potassium permanganate. 

Since two molecules of KMnO^ are e(juivalent to five inolccuies 
of oxalic acid, this (|uantity of permanganate is equivalent to live 
atoms of calcium. 

It is clear that the process is applicable to any metal which 
forms an insoluble oxalate. The process may be modified by 
precipitating the metal with a known excess of a soluble oxalate, 
and determining by means of permanganate the quantity of 
oxalate which remains unprecipitated. This latter method, how- 
ever, does not possess any advantage over that already described. 

Potassium permanganate may be employed for the volumetric 
determination of certain of the rarer elements such as exist in 
more than one state of oxidation, but we must refer the reader to 
special treatises for a detailed description of the procedure. 
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Determination of copper by potassium permanganate 

If to a solution of copper a metal be added which is more 
electro-positive than copper, such as zinc, substitution takes place, 
the zinc going into solution and the copper being precipitated 

Zn F CUSO4 - ZnS04 ^ 

The copper, which is precipitated in a linely divided form, is 
filtered off, washed with distilled water, and dissolved in a mixture 
of ferric sulphate and sulphuric acid. The metal dissolves and at 
the same time the ferric sulpliate is reduced quantitatively to 
ferrous sulphate 

Cu -r ^>2(804)3 (hiS04 -f 2KeS04. 

The ferrous sulphate which is formed is then determined volumetri- 
cally with standard potassium ])ermanganate in the usual way. 

Since one atom of copper liberates tAvo molecules of ferrous 
sulphate, and since ten molecules of ferrous sulphate are oxidized 
quantitatively to ferric sulphate by two molecules of potassium 
permanganate, it is clear that five atoms of copper are equivalent 
to two molecules of pPtassium permanganate, or adopting atomic 
weights, 5 x grammes of copper are equivahuit to 2 x 158 
grammes of potassium permanganate. 

In carrying out the determination of copjK'r i)y this method, 
it is necessary to have the metal present in the form of the sulphate. 
Nitric acid and certain heavy metals, especially bismuth and lead, 
must be absent. Either the zinc may be employed in the form 
of sticks which are well washed ivhen the whole of the copper has 
been precipitated from the solution, or the granulated metal may 
be employed, and sufficient sulphuric acid added to complete the 
solution of the zinc after precipitation of the copper. In order to 
test that precipitation of the copper from the solution is complete, 
the best plan is to bring a drop of the liquid in contact with a drop 
of potassium ferrocyanide solution on a white tile when no })rown 
colour should appear. This method of determining copper yields 
excellent results, the chief disadvantage of the method being the 
fact that metallic copper is dissolved very slowly by an acidified 
solution of a ferric salt. 
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Determination of copper by reduction to cuprous oxide and 
subsequent determination hj ferric sulphate and permanganate 

If excess of sodium hydroxide be added to a solution of a copper 
salt, a blue precipitate of hydrated copper oxide is obtained. 
This precipitate is readily soluble in solutions of certain organic 
compounds containing hydroxyl groups, such as tartaric acid. 
From a solution of cupric oxide in an alkaline tartrate, reducing 
agents such as glucose will readily precipitate cuprous oxide, CuoO, 
as a red powder on warming. The precipitation is quantitative, 
and the metal is readily determined by separating the cuprous 
oxide and dissolving it in a solution of a mixture of ferric sulphate 
and sulphuric acid, when reduction of the iron salt occurs in 
accordance with the equation 

CuaO t H^SOi + Fe2(.S04)3 = 2CUSO4 + 2FeS04.*f ^ 

The resulting ferrous sulphate is then determined by titration 
with potassium permanganate in the ordinary manner. 

In carrying out the determination of copper by this method, 
the liquid is made strongly alkaline with caustic soda and excess 
of a solution of potassium sodium tartrate, KNaC4H406, is added. 
An aqueous solution of grape sugar is then added in moderate 
excess, and the liquid kept at a temperature of about C. until 
the precipitate of cuprous oxide assumes a bright red colour, and 
the supernatant liquid is of a brownish yellow' colour due to the 
action of the alkali on the sugar. The precipitate is then filtered 
off, washed thoroughly with water, and dissolved in a solution 
of ferric sulphate acidified with sulphuric acid. The amount of 
copper is then determined by the permanganate titration of the 
ferrous iron, and it will be clear from the above equation that one 
atom of copper is equivalent to one atom of iron. This method 
gives very good results and is preferable to that previously 
described, as cuprous oxide dissolves quickly in acid solutions. 

Determination of metals tvhich form insoluble sul'phides 

Certain metals which are precipitated as sparingly soluble 
sulphides may be determined by allowing the separated insoluble 
sulphide to react with a known excess of ferric sulphate, resulting 
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in the formation of an equivalent amount of ferrous sulphate by 
reduction which is in its turn estimated by titration with standard 
potassium permanganate. As an example we may refer to the 
determination of cadmium. 

The measured quantity of solution of the cadmium salt which 
must not contain too much free acid is precipitated by passing 
sulphuretted hydrogen through the hot liquid. The reaction is 
represented by the equation 

CdCIg + HgS - CdS H- 2HC1. 

The precipitated cadmium sulphide is separated by filtration, and 
the filtrate again saturated with the gas in order to precipitate 
any cadmium which may remain in solution. This procedure is 
absolutely necessary since the reaction between cadmium chloride 
and hydrogen sulphide is reversible. The collected precipitates are 
digested with a moderate excess of ferric sulphate solution when 
reduction takes place in accordance with the equation 

OdS -}■ Fe2(S04)3 - CdS04 -h 2FeS04 !- S. 

The sulphur is separated by filtration, and the filtrate and washings 
acidified with sulphuric acid, and titrated with permanganate. 

Zinc is a metal Avhich may be determined in this manner, but 
the precipitation of zinc sulphide must be ellected in ammoniacal 
solution since it is readily soluble in acids. Many chemists do 
not trouble to remove the sulphur and filter paper before titrating 
with permanganate ; as it has been shown that the reducing ellect 
upon permanganate is practically nil if the solution is cold and 
very dilute. But it is certainly safer to remove the sulphur 
especially if it is in a finely divided condition. 

The valuation of manganese dioxide 

Manganese dioxide, MnOg, is a substance which is very fre- 
quently contaminated with impurities. It is important, therefore, 
to have a reliable method of determining the percentage of MnOg 
which a sample of the commercial substance contains. One 
method of deteruiining the percentage of MnOg in pyrolusite which 
is frequently employed consists in treating the substance with 
a measured excess of standard oxalic acid in presence of dilute 
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sulphuric acid when the manganese dioxide oxidizes the oxalic 
acid to carbon dioxide and water according to the equation 

MnOg Ii2C204 + H2SO4 - MnS04 -f 2H2O -f 2CO2. 

The excess of oxalic acid remaining over is then determined by 
titration with standard potassium permanganate in the ordinary 
way. 

In carrying out a determination of manganese dioxide by this 
method, a suitable quantity, say 0*5 gramme of the sample, is 
weighed out and digested with a measured quantity of oxalic 
acid which must be in considerable excess of the amount which is 
theoretically required to react with the quantity of manganese 
dioxide taken, along with a sufficient quantity of dilute sulphuric 
acid. The mixture is heated to a temperature in the neighbour- 
hood of 70° 0., and the action allowed to continue until there is 
no black residue remaining undissolved. The presence of a white 
residue does not interfere as it probably consists of insoluble 
siliceous matter. The liquid may now be directly titrated with 
permanganate, but it is perhaps preferable to make up the solution 
to a known volume after filtration from any insoluble residue, and 
then to withdraw aliquot portions of the solution for titration. 

It is to be noted that this procedure is simply a method of 
determining the amount of available oxygen in the sample, since 
certain other oxides of manganese are capable of decomposing 
oxalic acid in presence of sulphuric acid. Thus both manganese 
sesquioxide, MiiaOa, and trimanganic tetroxide, iMugO^, can effect 
the decomposition, and if either of thevse oxides be present, the 
calculation of the percentage of the dioxide in the sample will not 
really indicate the true amount of this constituent. 

Another method of determining the percentage of manganese 
dioxide in pyrolusite is described on p. 54, 


Oxidations by potassium permanganate in neutral and 
alkaline solutions 

Although by far the greater number of determinations which 
are carried out with potassium permanganate are performed in 
presence of sulphuric acid, the maximum oxidizing action being 
obtained under those conditions, there are certain cases more 
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particularly among organic compounds in which it is not possible 
to effect the determinations in acid solution. Some substances 
can however be determined in neutral or alkaline (sodium car- 
bonate) solution. In neutral or alkaline solution potassium 
permanganate possesses three atoms of available oxygen, the 
decomposition of the molecule taking place in the manner repre- 
sented by the equation 

2KMn04 = K^O + 2Mn02 + 30. 

In all such cases, manganese dioxide is precipitated in a hydrated 
form, and the appearance of this precipitate in the liquid under- 
going titration is a disadvantage, as it makes the end-point som^ 
what difficult to recognize. 

Formic acid is a substance which when converted into sodium 
formate by the addition of excess of sodium carbonate can be 
determined by potassium permanganate in this way. The oxida- 
tion of formic acid takes place in accordance with the equation 

HCOOH + 0 - llgO -f COg. 

If 111 c.c. of the solution of formic acid in presence of excess of 
sodium carbonate require the addition of w., c.c. of potassium 
permanganate, the weight, r, of formic acid in grammes per c.c. is 
determined by the equation 

n^x _ 3 ; 10 
n^'iv 2 X 158 * 

where w is the weight of potassium permanganate in grammes 
per c.c. 

Owing to the difficulty of determining the end -point of the 
reaction in presence of the precipitate of hydrated manganese 
dioxide, some chemists modify the process by adding a measured 
volume of potassium permanganate to the hot alkaline formate. 
The amount of permanganate remaining in excess is then deter- 
mined by acidifying the solution with dilute sulphuric acid, adding 
a measured volume of a solution of oxalic acid, and allowing the 
action to continue until the precipitate has completely dissolved. 
The excess of oxalic acid is then titrated by potassium perman- 
ganate. Then in another experiment, a volume of oxalic acid equal 
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to that previously used is directly titrated with permanganate. 
The amount of formic acid present in the volume of liquid taken 
is clearly represented by the difference between the total volume 
of permanganate taken in the first experiment, and that required 
for the oxidation of the oxalic acid alone. Although the latter 
method of procedure is more elaborate, it will in most cases be 
found probably more satisfactory than the direct method. 

Determination of manganese by ^potassium permanganate 

If a solution of potassium permanganate be added to a nearly 
neutral and hot solution of a manganous salt, a precipitate of 
hydrated manganese dioxide is obtained by the mutual interaction 
of the two salts. The reaction may be represented by the equation 

2KMn04 f + SMnSO^ - SMnO^ + 2H2SO4 + K2SO4. 

Potassium permanganate reacts here with three atoms of 
available oxygen. However, the reaction does not always take 
place in quite so simple a manner as is represented by the equation, 
temperature being a factor which requires to be carefully observed. 
Below 85^ 0. the reaction does take place according to the equation 
given, above that temperature free oxygen may be evolved leading 
to too great a volume of permanganate being required. It has 
also been found that the action is somewhat more regular in 
presence of certain salts, zinc salts being specially efiicacious. It 
is perhaps scarcely necessary to point out that other oxidizable 
substances must be absent. 

In carrying out a determination of manganese by this method, 
the standard permanganate is added from the burette to the hot 
solution of the manganous salt, the vessel being frequently shaken, 
until a slight excess of the reagent is indicated by the appearance 
of a permanent pink colour in the liquid. When the conditions 
are carefully observed, this method is capable of giving satisfactory 
results. 


JSoie on the formula of potassium 2)ermanganate 

Potassium permanganate was formerly and occasionally is still 
represented by the formula KoMiigOg . This formula clearly 
represents the fact that the substance possesses five atoms of 
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available oxygen, since the molecule may be regarded as composed 
of KgO + 2MnO 4- 50. On the other hand, although the formula 
may be regarded as convenient from the point of view of volumetric 
analysis, there is definite experimental evidence in favour of the 
simpler formula KMn 04 . Ostwald has established the empirical 
law that the difference between the equivalent conductivities of 
the sodium salts of acids at dilutions of 32 litres and 1024 litres 
is a function of the basicity of the acid. The difference is approxi- 
mately 10 units for a monobasic acid, 20 units for a dibasic acid, 
30 units for a tribasic acid and so on. Conductivity determinations 
have shown that permanganic acid is a monobasic acid, and 
consequently potassium permanganate is to be represented by 
the formula KMn 04 . It is perhaps unnecessary to point out 
that such evidence applies only to the molecular condition of 
the substance in solution; as regards the molecular weight of 
solid potassium permanganate we possess no definite knowledge 
whatever. 

Determinations of the depression of freezing point in dilute 
solutions lead to the same conclusion. 


B. 


a 



CHAPTER III 

POTASSIUM DTCHROMATE AS A VOLUMETRIC 
OXrOIZING AGENT 

Potassium dichromate K2(^r207 is an orange coloured crystalline 
solid possessed of powerful oxidizing properties. In aqueous 
solution and in presence of free acid it is capable of effecting the 
oxidation of certain substances which are frequently determined 
volumetrically by potassium permanganate. Potassium dichro- 
rnate, however, possesses certain undoubted advantages over 
permanganate. It may be used in presence either of hydrochloric 
or of sulphuric acid, and the aqueous solution preserves its strength 
unchanged for an indefinite period. Further, the solution may 
be used in a burette with a rubber joint. Potassium dichromate 
is most commonly employed for the determination of iron by 
oxidation from the ferrous to the ferric condition. 

In presence of hydrochloric or sulphuric acid, one molecule 
of potassium dichromate gives rise to three atoms of available 
oxygen 

4H2SO4 + K2Cr207 ^ K2SO4 -f Cr2(S0j3 + 4H2O + 30, 

so that the conversion of ferrous chloride into ferric chloride takes 
place in accordance with the equation 

K2Cr207 + 14HC1 + GFeCla - 2KC1 + 2CrCl3 + 6FeCl3 + THgO. 

.. Now since one molecule of potassium dichromate possesses 
three atoms of available oxygen, and since three atoms of available 
oxygen are equivalent to six atoms of available hydrogen, the 
normal solution of this substance should contain one-sixth of 294*2 
grammes dissolved in one litre, or approximately 49 grammes per 
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lii^re. It is usual, however, to employ this reagent of deci-normal 
strength, the solution containing therefore 4*9 grammes of the salt 
in one litre. 


Standardizatim of the solution 

--"Potassium dichroniate is nowadays obtainable in a state 
approximating to chemical purity. There is therefore no difficulty 
in making up any quantity of the solution by dissolving the weighed 
quantity of the salt in water and diluting the resulting solution 
to the necessary volume. It is necessary, however, in all cases, 
to standardize the solution, and this may be done very satisfactorily 
by means of ferrous ammonium sulphate. 

When an acid solution of a ferrous salt undergoes oxidation 
by potavssium dichromate, the orange colour of the dichromate 
disappears, and at the same time the solution becomes green in 
consequence of the presence of the chromic salt which is formed. 
No precise change of colour occurs at the point at which all the 
iron is converted into the ferric condition. It is necessary there- 
fore to determine the end-point of tlie reaction by means of an 
external indicator. For this purpose potassium ferricyanide is 
always employed. Ferrous salts react with the ferricyanide with 
formation of blue ferrous ferricyanide (TurnbulUs blue), while 
ferric salts merely produce a brown colour with potassium ferri- 
cyanide. In order to employ this reagent successfully, it is 
necessary to have the solution freshly prepared and dilute. Drops 
of freshly prepared and very dilute potassium ferricyanide are 
placed on a white tile, and drops of the liquid undergoing titration 
are removed by means of a glass rod, and brought in contact with 
the ferricyanide. The glass rod is of course cleaned after each 
test. As long as any ferrous iron is present, the blue colour of 
ferrous ferricyanide makes its appearance, but when the iron is 
completely in the ferric condition, only a faint brown colour is 
formed. The end-point can be determined with great exactness 
if the ferricyanide solution is prepared properly: a little practice 
will soon enable the operator to ascertain the strength of solution 
which gives the best result. 

The calculation of the strength of the potassium dichromate 

3—2 
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solution from the titration by ferrous amnaonium sulphate is made 
from the following equation 


V X weight of iron per c.c. 
v' X 


^ equivalent of iron 6 x 56 

equivalent of potassium dichromate 294 

where v denotes the volume of the iron solution taken for the 
titration, v' the volume of potassium dichromate solution required 
for the complete oxidation of the iron, and x the weight of potassium 
dichromate in each cubic centimetre of the solution. 


Dclcrm ination of ferric iron by dichromate 

As in the case of the determination of ferric iron by potassium 
permanganate, so in the use of potassium dichromate, it is necessary 
first to reduce solutions containing iron in the ferric condition to 
the ferrous state. As far as the processes of reduction by hydrogen 
sulphide and by sulphur dioxide are concerned, the procedure is 
exactly as that already described in Chapter ii. The use of 
zinc and sulphuric acid for the reduction of ferric solutions which 
are subsequently to be titrated by potassium dichromate is not 
to be recommended, since the zinc in solution reacts with the 
potassium ferricyanide employed as an indicator with formation 
of zinc ferricyanide, thereby greatly obscuring the sharpness of 
the end-point. There is, however, one very good method of re- 
duction available for dichromate titrations, but it should not 
be employed with permanganate. This consists in the use of 
stannous chloride as a reducing agent, which reacts with ferric 
chloride according to the equation 

S 11 CI 2 4 2FeCl3 - 2FeCl2 -f SnCl^. 

The excess of the reducing agent is removed from the solution by 
precipitation with excess of mercuric chloride 

SnCl^ + 2 HgCl 2 = 2HgCl -f SnCl^. 

In carrying out the reduction by means of stannous chloride, 
the measured quantity of the iron solution is diluted somewhat 
with water, and a moderate quantity of hydrochloric acid added ; 
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stannous chloride solution is then added cautiously to the heated 
iron solution until the colour vanishes. A skilled experimenter 
can judge with the eye when reduction is complete, but it is 
certainly advisable to test in the usual way with ammonium 
thiocyanate that all the iron is in the ferrous condition. After 
cooling, the excess of stannous chloride is removed by the addition 
of a slight excess of mercuric chloride. This method of reduction 
when carefully carried out gives extremely satisfactory results. 
It is important to avoid adding too large an excess of stannous 
chloride to effect the reduction of the iron, as a correspondingly 
large excess of mercuric chloride must be added afterwards, and 
while the presence of a moderate amount of mercury salts does 
not interfere with the titration, a great excess seems to render 
the results less accurate. 

Deterynination of the redumig power of a solution 
of stannous chloride 

A solution of stannous chloride finds application in a number 
of volumetric processes as a quantitative reducing agent. Owing 
to its liability to undergo oxidation, a solution of stannous chloride 
should be preserved in an atmosphere of hydrogen, or should at 
least be protected from atmospheric oxygen by storing it in a bottle 
to which air can gain access only through a strongly alkaline 
solution of pyrogallol. 

The reducing power of such a solution is very easily determined 
by allowing known volumes of the solution to react with an excess 
of ferric chloride solution, and then determining by titration with 
standard potassium dichromate the amount of ferrous iron 
produced. From the equation 

SnClg + 2 FeCl 3 - SnCl^ + 2FeCl2 

it is clear that 190 parts by weight of stannous chloride react with 
2 X 55-85 parts by weight of metallic iron. If the dichromate 
titration shows that w grammes of ferrous iron per c.c. are formed 
after reduction with stannous chloride, this is clearly equivalent 

to grammes of stannous chloride per c.c. Very frequently 

however the reducing power of the solution is expressed in terms 
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of metallic iron, e.g. 1 c.c. of the stannous chloride is equivalent to 
g grammes of iron. 

It is clear from what has been stated that the above process 
constitutes a method for the determination of tin in the stannous 
condition, 119 parts by weight of that metal being equivalent to 
2 X 55-85 parts by weight of iron. The method gives very satis- 
factory results. 

Potassium dichrornate is of very great value as a volumetric 
reagent for the estimation of iron in ores. The procedure to be 
followed in order to effect the solution of the ore varies slightly 
with the nature of the other constituents in the ore, and a special 
treatise should be consulted for details, particularly as regards 
those oi es whicli are not completely soluble in acids. As has been 
stated already, the availability of potassium dichromate in presence 
of hydrochloric acid, as well as the fact that its aqueous solution 
may Ixi preserved of (’onstant strength for an indefinite length of 
time, makes it preferable to potassium permanganate for many 
purposes. On the other hand it possesses the disadvantage of 
re(| Hiring an e.xternal indicator, which makes the titrations take 
a longer time. 

All substances which oxidize ferrous salts quantitatively to the 
ferric condition can be determined by a similar method to that 
already described in connexion with potassium permanganate, 
viz., the addition of a known excess of the ferrous salt to the 
oxidizing agent, and the subsequent titration by dichromate of 
the amount of ferrous iron remaining in excess. 


Standardization of potassium dichrornate by means of iron wire 

Iron wire was formerly, and still is, largely used to determine 
the exact strengths of solutions of potassium dichrornate and also 
of potassium permanganate; a solution of ferrous sulphate being 
prepared by dissolving a known weight of iron wire in dilute 
sulphuric acid, and making the solution up to some definite 
volume. It is not difficult to obtain iron wire containing 99*6 per 
cent, of pure iron, and for most purposes this degree of purity is 
quite sufficient; but if the strength of the volumetric oxidizing 
agent is required to be known with great exactness, pure iron 
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prepared by the electrolysis of ferrous oxalate should be employed. 
When iron of the order of 99*6 per cent, purity is employed, some 
operators multiply the weight of iron taken by 0*996 in order to 
correct for the small amount of impurity present, but it is very 
doubtful if the correction is a justifiable one, as it has been found 
that some of the impurities have a reducing action on perman- 
ganate. 

In effecting the solution of iron wire, it was formerly the 
custom to take somewhat elaborate precautions to prevent the 
access of air to the solution in order to avoid oxidation of the 
solution; but it has gradually become recognized that solutions 
of ferrous salts are much more stable towards atmospheric oxygen 
than is commonly supposed. Solutions of ferrous sulphate are 
certainly much more stable than solutions of ferrous chloride; it 
is advisable therefore to use sulphuric acid in preference to 
hydrochloric for dissolving the metal. For most ordinary work, 
the solution of the metal may be effected very conveniently in 
a flask which is heated on a hot plate, a small funnel being placed 
in the neck of the flask during the operation. The contents are 
then washed carefully into a standard flask and diluted to a known 
volume. Aliquot portions are then taken for titration by potassium 
dichromate. 



CHAPTER IV 

DETERMINATIONS WITH STANDARD IODINE 

A solution of iodine in potassium iodide finds frequent appli- 
cation in analysis as a volumetric oxidizing agent. Thus it is 
capable of converting arsenious and antimonious compounds into 
the corresponding arsenic and antimonic compounds. If employed 
in conjunction with a standard solution of sodium thiosulphate, 
its range of application is capable of being extended considerably. 
We shall, however, in the present chapter restrict our discussion 
to the determination of certain reducing agents by standard 
iodine alone. 

Preparation of a deci-normal solution of iodine 

Since iodine is a monovalent element and since its atomic 
weight is 126*92, a normal solution will contain that weight of 
the element in grammes dissolved in one litre. In practice one 
never employs a solution of greater strength than deci-normal; 
the necessary quantity of iodine in a solution of deci-normal 
strength will therefore be 12*692 grammes per litre or for approxi- 
mate purposes 12*7 grammes per litre. 

Commercial resublimed iodine may contain various impurities 
including cyanogen iodide. It may be purified to a considerable 
extent by mixing it with potassium iodide and subliming. It is, 
however, in general of no advantage to take elaborate precautions 
to prepare iodine of a high degree of purity ; it is better to prepare 
a solution of approximately deci-normal strength, and then to 
determine its exact strength in one of the ways about to be 
described. In weighing iodine, it is to be observed that the 
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volatility of this element may make an exact weighing a difficult 
matter, unless the substance be weighed in a closed vessel. 

The weighed quantity of iodine is dissolved in a solution of 
potassium iodide, ^he weight of potassiuin iodide to be taken 
should be from one-an 3 ^dne-ffialf times to twice that of the iodine. 
The solution is then diluted with distilled water to the necessary 
volume. Heat should not be employed to accelerate the dissolu- 
tion of the iodine on account of the volatility of the element. Tf 
the solution be preserved in dark well-stoppered bottles, it will 
retain its strength unaltered for a long period. This reagent must 
always be employed in a burette fitted with a glass tap, as it 
^nakfiSL^rubber tubing useless. 

An excellent method of standardizing a soluiion of iodine is 
by the use of arsenious oxide purified by resublimation. A small 
quantity of arsenious oxide is heated in a dish covered with 
another vessel. The resublimed arsenious oxide should be per- 
fectly white in colour. About 5 grammes of the solid are weighed 
out accurately, dissolved in an aqueous solution containing about 
four times the weight of pure sodium carbonate, and then diluted 
to one litre. In this way a standard solution of arsenious oxide 
in the form of sodium arsenite is obtained. 

When iodine is added to a solution of an alkaline arsenite, 
oxidation of the arsenic takes place in accordance with the 
equation 

AS2O3 -f 2I2 1- 2H2O AsgOg -f 4 HI, 


two molecules of iodine (four atoms) oxidizing oiui molecule of 
arsenious to arsenic oxide. It will be observed, from the above 
equation, that free hydrogen iodide is formed in the reaction. 
Now hydrogen iodide is a reducing reagent, and the reaction repre- 
sented above is reversible. Consequently it is necessary to add 
some substance which will combine with the hydriodic acid to 
enable the oxidation of the arsenious oxide to proceed to com- 
pletion. For this purpose it is usual to employ sodium bicarbonate 
NaHCOg. Caustic alkalis must not be employed, since they 
react with iodine with formation of iodide and hypoiodite. A 
moderate excess of a solution of sodium bicarbonate should 
therefore be added in each titration. 
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The end-point is observed with great precision by the addition 
of a small quantity of a solution of starch to the liquid undergoing 
titration. The smallest quantity of free iodine in excess will then 
be recognized by the appearance of the well-known blue colour 
which this element forms with starch. The preparation of the 
starch solution is a matter of importance. The best plan is to 
add to al)out 100 c.c. of boiling water a small quantity of starch 
ground up with a little water, and to continue the boiling for a 
few minutes. It is important to avoid taking too much starch; 
if too much starch be used the resulting solution will become 
gelatinous. It is advisable though not necessary to filter the 
starch solution before using it as an indicator. When carefully 
prepared, the most minute (quantity of free iodine dissolved in 
potassium iodide can be detected by the appearance of a dark 
blue (colour. 

If X be the weight of iodine in grammes in each cubic centi- 
metre of the solution, and if c.c. of the iodine solution require 
7^2 <LC. of alkaline arsenite solution containing w grammes of 
A82O3 per C.C., the strength of the iodine solution is determined 
by the equation 

n^x e(|uivalent of iodine 127 x 4 

^2 It? e(ju i valent of arsenious oxide 198 

Other methods of standard izing iodine 

A solution of iodine may be standardized in various other ways 
than that already described. If a standard solution of sodium 
thiosulphate is available, the strength of an iodine solution 
may be determined with accuracy by titrating the one solution 
against the other, when interaction takes place with formation of 
sodium iodide and tetrathionate, according to the equation 

I2 -f 2Na2S203 - NagKS^Oe + 2NaI. 

If the exact strength of the thiosulphate solution is not known, 
but the experimenter be provided with a standard solution of 
potassium permanganate or dichromate, the strength of the 
thiosulphate solution may be determined by allowing the solution 
of potassium permanganate or dichromate acidified with sulphuric 
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acid to react with an excess of potassium iodide, when iodine is 
liberated quantitatively in accordance with the equations 

2 KMn 04 + 8H2SO4 + lOKI = 6K2SO4 + 2 MnS 04 + SH^O 4 ^ 5I2 
and 

KgCr^O^ + 7H2SO4 + 6KI - 4K2SO4 + 012(804)3 ~[ TH.O + 3I2, 

in the cases of the permanganate and dichromatc respectively. 
The liberated iodine is then titrated with sodium thiosulphate 
solution, the end-point being determined with starch, and then 
the iodine solution, the strength of which is required, is determined 
by titration against the solution of sodium thiosulphate. The 
experimental procedure in connexion with the determination of 
iodine by sodium thiosulphate will be described in greater detail 
in the next chapter. 

Deter minatioyh of anlwiomj by standard iodine 

Antimony in the antimonious condition may bo determined 
with accuracy by titration with iodine, the element undergoing 
oxidation from the antimonious to the antimonic condition 
according to the equation 

Sb203 4- 2I2 + 2H2O ShgOg + 4 HI. 

As in the case of the reaction between arsenious oxide and iodine, 
so in the present case, the reaction is reversible owing to the 
reducing action of the hydrogen iodide on the antimonic oxide. 
For this reason it is as before necessary to suppress the reverse 
reaction by the addition of a sufficient excess of sodium bicar- 
bonate. It is necessary also to add a sufficient quantity of tartaric 
acid or of Rochelle salt (potassium sodium tartrate KNaC4H40<j) 
to prevent the precipitation of basic salts of the metal as the result 
of hydrolysis. 

If the metal is present in the antimonic condition to start 
with, it is necessary to reduce it to the antimonious condition 
before titration with standard iodine. Sulphur dioxide is an 
excellent reducing agent for this purpose. The reduction is 
carried out in presence of hydrochloric acid, and the excess of 
sulphur dioxide removed by prolonged boiling. The solution is 
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then made just alkaline by caustic soda, and a slight excess of 
tartaric acid added. After addition of excess of sodium bicar- 
bonate, the solution is titrated with standard iodine in the usual 
manner, using starch as indicator. 

Determination of tin 

A solution of iodine is capable of oxidizing tin from the stannous 
condition to the stannic condition quantitatively, one molecule 
(two atoms) of iodine cfiecting the conversion of one atom of tin 
from the stannous to tlie stannic condition. In carrying out the 
determination of tin by this method, a sufficient quantity of 
Rochelle salt must bo present to dissolve any stannous oxy- 
chloride or other basic salt, and the solution must be made alkaline 
by sodium bicarbonate to prevent the reducing action of the 
liydrogen iodide formed in the reaction from reconverting any 
stannic salt into stannous. The end-point is obtained in the 
usual manner by the use of starch. This method of determining 
tin gives results of very fair accuracy ; the chief precaution to be 
observed is to prevent the absorption of oxygen from the air by 
the stannous salt. 

Determination of sulphur dioxide in aqueous solution 

An approximate determination of sulphur dioxide in solution 
may be made by allowing the aqueous solution of the gas to react 
with iodine in accordance with the equation 

I2 + SO2 -f 2H2O - H2SO4 f 2 HI. 

It was shown by Bunsen that the reaction only takes place in 
accordance with the above ecjuation when the solution of sulphur 
dioxide is fairly dilute (not greater than 0-04 per cent, of SO2 by 
weight). The irregularities which occur with more concentrated 
solutions appear to be due, in part at any rate, to the fact that 
under certain conditions the hydrogen iodide reduces some of the 
sulphur dioxide to free sulphur. It has subsequently been found 
that oxidation of the sulphur dioxide to sulphuric acid takes 
place quantitatively in the manner indicated by the above equation 
if the solution of sulphur dioxide is run into the solution of iodine, 
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not vice versa, even when the solution of sulphur dioxide is fairly 
concentrated. Consequently it is not advisable to attempt the 
direct titration of this substance by means of standard iodine ; it 
is much better to add the solution of sulphur dioxide to a known 
excess of iodine and then to determine the excess by means of 
sodium thiosulphate. It will be seen from the above ecpiation 
that 127 parts by weight of iodine react with 32 parts by weight 
of sulphur dioxide. 


Determination of sulphuretted hydrogen in aqueous solution 

Iodine and sulphuretted hydrogen interact with formation of 
hydrogen iodide and sulphur in accordance with the equation 

I 2 f HgS- 2H1+ S. 

For various reasons the direct titration of aqueous solutions of 
this gas by means of iodine does not give accurate results. It is 
stated that greater accuracy may be attained by adding the 
solution of hydrogen sulphide to a measured excess of iodine, and 
subsequently determining the excess by sodium thiosulphate as 
in the case of sulphur dioxide already described. 

A method of procedure which yields satisfactory results is to 
allow the solution of sulphuretted hydrogen to react with excess 
of a standard solution of arsenious oxide in presence of hydro- 
chloric acid, when arsenious sulphide is precipitated in accordance 
with the equation 

AS2O3 + SHgS “ AS2S3 “1 3H2O. 

The precipitated arsenious sulphide is separated ])y liltration, and 
the filtrate and washings titrated by means of standard iodine in 
the usual manner, starch being employed as indicator. Since 
three molecules of hydrogen sulphide react with one molecule of 
arsenious oxide, it is clear that 3 x 34 parts by weight of sulphur- 
etted hydrogen are equivalent to 198 parts by weight of arsenious 
oxide. In carrying out the determinations, the best plan is to 
allow the solution of the gas to flow into a measured excess of 
standard alkaline arsenite solution. Hydrochloric acid is then 
added in sufficient excess to react distinctly acid to indicators. 
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The presence of free acid is necessary to precipitate the arsenic, 
otherwise a colloidal solution of arsenious sulphide will be obtained. 
The filtrate and washings are then made alkaline by the addition 
of excess of sodium bicarbonate, and the determination of the 
excess of arsenious oxide effected by titration with standard 
iodine. 



CHAPTER V 


THE DETERMINATION OF IODINE BY STANDARD 
SODIUM THIOSULPHATE 

In the previous chapter wc had occasion to rehu* to tin', reaction 
between iodine and sodium thiosulphate resulting in the formation 
tetrathionate. Tlu^ importance of this 
reaction is that it affords a means of determining not only free 
iodine, but all substances which li])eratc iodine quantitatively 
from potassium iodide on acidifying; in otln'r words a large 
number of oxidizing agents may be determim;d by standard 
sodium thiosulphate, l^he reaction between iodine and sodium 
thiosulphate is one of the most sensitive and accurate in the whole 
domain of volumetric analysis, and its range of application is very 
great. 

Sodium thiosulphate crystallizes with five molecules of water, 
but there seems to be a slight doubt regarding the constancy of 
the water of crystallization of this substance. The exact strength 
of the solution should therefore be determ im'd in one of the ways 
about to be described. 

Standardization of an app'roximately deci~normal solution 

An approximately deci-normal solution may be prepared by 
dissolving one-tenth of the gramme molecular weight of sodium 
thiosulphate pentahydrate in water and diluting the solution to 
one litre. If one is in possession of a standard solution of iodine, 
the determination of the strength of the thiosulphate solution is 
effected with great ease, the end-point being determined in the 
usual manner with starch. 

From the equation 

I2 -f 2Na2S203 = Na2S403 4- 2NaI 
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it is clear that 127 parts by weight of iodine react with 158 parts 
by weight of sodium thiosulphate calculated as anhydrous salt. 

The solution of sodium thiosulphate may be standardized in 
other ways with equally good results. In connexion with the 
standardization of iodine, it was mentioned that a solution of 
thiosulphate might be determined with reference to a standard 
solution of potassium permanganate or diehromate. We shall now 
d(^scribe in somewhat greater detail the procedure to be followed 
in determining the exact strength of a thiosulphate solution by 
one or other of these oxidizing agents. 

A given volume (say 20 c.c.) of a standard solution of potassium 
permanganate is measured out, acidified with dilute sulphuric acid 
and diluted somewliat with water. A few crystals of potassiiim 
iodide are now added and the liquid stirred. Iodine is liberated 
(piantitatively in accordance with the equation 

2KMn04 [ 8IL^S04 } lOKI- GK2SO4 1- 2MnS04 -f BllgO j bl^. 

Sodium thiosulj)hate is then added from a burette when the 
liberated iodim*. dissolved in the excess of potassium iodide is 
gradually removed with formation of sodium iodide and tetra- 
thionate. When only a faint yellow colour of iodine remains, 
starch solution is added, and the addition of sodium thiosulphate 
<*ontinued until the deep blue liquid becomes perfectly colourless. 
The end-point is determined with great precision; a single drop 
of sodium thiosulphate should be suflicient to cause a striking 
disappearance of colour. 

Since according to the preceding equation two molecules of 
potassium permanganate liberate five molecules of iodine, and since 
one molecule of iodine reacts with two molecules of sodium thio- 
sulphate, it is clear that two molecules of potassium permanganate 
are equivalent to ten molecules of sodium thiosulphate. If there- 
fore Wj c.c. of potassium permanganate, containing w grammes of 
the salt per c.c. require 7? .2 c.c. of sodium thiosulphate, the weight 
of sodium thiosulphate a* in grammes per cubic centimetre is 
given by the equation 

_ 10 X 158 
fiiW 2 X 158 

If potassium dichromate is employed for standardizing the 
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thiosulphate solution, the procedure to be followed is precisely the 
same as that above described. In determining the end-point, it 
is important to remember that a green chromic salt is formed by 
the reduction of the dichromate; the completion of tlie reaction 
is therefore that point at which the solution changes from the 
deep blue of starch iodide to pale green. As has been explained 
in the previous chapter, the liberation of iodine from potassium 
iodide by means of acidified potassium dichromate takes place in 
accordance with the equation 

K^Ci^Ot + 7 H 2 SO 4 + OKI - 4 K 2 SO 4 1 Cr2(804)3 f TTTgO i ai.,. 
One molecule of potassium dichromate is therefore equivalent to 
six molecules of sodium tliiosulphatc. ( 7)nse(,picntly if c.c. of 
potassium dichromate, containing w grammes of the substance 
dissolved in each cubic centimetre of the solution, require c.c. 
of sodium thiosulphate of which the weight of salt x in grammes 
per cubic centimetre is required, x is found by the solution of 
the equation 

b X 158 
n^w 291 

Deter minal ion of oxidizi/ru/ agents hg pofassiant iodide 
and sodium thiosulphate 

The examples already given of the use of standard potassium 
permanganate or dichromale for the determination of the exa-c.t 
strength of a solution of sodium thiosulphate may clearly be 
applied in the reciprocal way. That is to say, if one is in possession 
of a standard solution of sodium thiosulyduite, one may determine 
with accuracy the strength of a solution of a dichromate or of a 
permanganate. The number of substances whicli may be deter- 
mined by such a procedure is very great, and we shall discuss 
some individual examples in the course of the present chapter. 
There is, however, one general remark which must be jna<le 
before proceeding further. The velocity of the reaction IxdAveen 
potassium iodide and some oxidizing agents in acid solution is 
frequently not great at ordinary temperatures, that is to say, the 
liberation of iodine takes place slowly in many cases, particularly 
towards the end of the reaction, when the mass concentration of 
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the oxidizing agent has fallen to a small value. Consequently in 
titrating the liberated iodine by means of sodium thiosulphate, 
the blue colour of starch iodide frequently makes its appearance 
after the titration is apparently completed. More sodium thio- 
sulphate must then be added until the liberation of iodine no 
longer takes place. 

Dele nnma lion of hydrogen 'peroxide 

This substance may be (h^terinined iodometrically with great 
accuracy. The mcasurc<l (|uantity of the solution of the peroxide 
is acidified with dilute sulphuric acid, and excess of potassium 
iodide added. Iodine is liberated <|uantitatively in accordance 
with the e(piation 

2KJ h I II 2 O 2 - 2 IJ 2 O ^ K2«04+ I 2 . 

The liberated iodine is then determined by means of standard 
sodium thiosulphate in the usual manner; one molecule of 
hydrogen peroxide being ecpiivalent to two molecules of sodium 
thiosulphate. 

The chemical dynamics of the reaction between hydriodic acid 
and hydrogen peroxide has been made the subject of an exhaustive 
investigation by liarcourt and Msson. These investigators showed 
tliat when the active mass of the hydriodic acid was kept approxi- 
mately constant by the addition of known constant amounts of 
sodium thiosulphate as soon as free iodine made its appearance, 
tlie rate of disappearance of the hydrogen peroxide was at every 
instant proportional to the amount present, or 

dt 

It is clear from this equation that theoretically the whole of the 
hydrogen peroxide w'lM only be decomposed after an infinite time, 
and as a matter of fact inaccurate results are frequently to be 
traced to stopping the titration too soon. 

In determining hydrogen peroxide by this method, it is 
important to add a considerable excess of sulphuric acid. The 
necessity of a large excess does not appear to be very obvious, 
but there appears to be little doubt that the inaccurate results 
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obtained by some chemists are due to the use of too little acid. 
A method of determining hydrogen peroxide by means of potassium 
permanganate was described in Chapter it, but as was there 
explained the organic preservatives added to this substance are 
themselves oxidized by potassium permanganate, and consequently 
the results are frequently too high. No such objection can be 
raised against the iodometric method, as special experiments have 
shown that it yields perfectly accurate results in presence of any 
of the usual preservatives such as glycerol. 


Determination of copper 

An acidified solution of a cupric salt will liberate iodine 
quantitatively from potassium iodide with foiTuation of an 
equivalent amount of cuprous iodide at the same time. Upon 
this reaction an accurate method of determining copj)er has been 
based. It has been shown that the reaction is somewhat irregular 
in presence of certain mineral acids, but that in presenct*. of acetic 
acid the following reaction takes place: 

2 Cu(a,H 302)2 -t 4K1 - CU 2 I 2 + 4C2H3O2K. -f T2. 

The free iodine is determined by titration with standard sodium 
thiosulphate. 

If the solution of the cupric salt contains any mineral acid, it 
is necessary to neutralize the excess of free acid by the addition 
of sodium carbonate in excess, and to continue the addition of 
the carbonate till a slight precipitate of basic cujiric carbonate is 
obtained. The solution is then acidified by the cautious addition 
of acetic acid, a large excess of acetic acid being carefully avoided. 
A few crystals of potassium iodide are then added, when cuprous 
iodide is precipitated and an equivalent quantity of free iodine is 
set free. The liberated iodine is titrated by means of sodium 
thiosulphate, care being taken that the reaction is completed. 

When ordinary precautions are taken, this method of deter- 
mining copper gives accurate results. It is clear from the above 
equation that two atoms of copper (metal) liberate one molecule 
of iodine, which in its turn reacts with two molecules of sodium 
thiosulphate. The weight of copper (metal) x in each cubic 

4—2 
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centimetre of the solution is therefore found by solving the 
equation 

% a; _ 63*6 
n2W 158 ’ 

where and ng denote the volumes of the copper solution and of 
the sodium thiosulphate respectively taken for the titration. 

Determination of the available chlorine in bleaching fowder 

The precise nature of bleaching powder is still enveloped in 
mystery despite the large number of investigations which have 
been made on this substance. As is well known, when slaked 
lime is allowed to absorb chlorine, a product is obtained which 
is sometimes represented by the formula CaOClg, although it is 
very doubtful if there is any justification for assigning a formula 
to the substance at all. Some of the chlorine behaves as if present 
in the form of hypochlorite, and it is upon the amount of chlorine 
present in this form, or available chlorine as it is technically 
termed, that the bleaching value of a specimen of bleaching 
powder depends. 

Bunsen has devised an excellent method of determining the 
percentage (^f available chlorine in bleaching powder by allowing 
the substance, acidified by acetic acid, to liberate iodine from 
excess of potassium iodide, Tlie liberated iodine is then deter- 
mined by titration by means of standard sodium thiosulphate. 
Since one molecule of chlorine liberates one molecule of iodine, 
it is clear that 35*5 paits by weight of chlorine are equivalent to 
158 parts by weight of sodium thiosulphate. 

In carrying out an estimation of the available chlorine in 
bleaching powder, a suitable quantity of the sample, say from 
10 to 20 grammes, is weighed out, and triturated with a little water 
in a mortar; the milky liquid is then gradually transferred to 
a measuring flask and diluted to the necessary volume. The 
contents of the flask are well shaken, and a measured quantity 
of the turbid solution withdrawn by means of a pipette. A few 
crystals of potassium iodide are now added, the liquid diluted with 
a little water, and acidified with acetic acid. The liberated iodine 
is then determined by means of sodium thiosulphate, and the 
percentage of available chlorine in the sample is easily calculated. 
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The reason for acidifying the solution by means of acetic acid 
instead of hydrochloric acid is that bleaching powder frequently 
contains calcium chlorate, with the result that chlorine would be 
liberated by interaction with the hydrochloric acid added, and 
high results obtained. 

Determination of ferric iron iodometrically 

An acidified solution of a ferric salt liberates iodine from 
potassium iodide with formation of ferrous salt in accordance with 
the equation 

2FeCl3 + 2KI - 2FeCl2 -f 2KC1 + Ig. 

The liberated iodine is then determined by titration with standard 
sodium thiosulphate. It is perhaps unnecessary to add that the 
iron solution must contain no nitric acid or other oxidizing agent. 
The solution is acidified by hydrochloric acid. The liberation of 
iodine from potassium iodide by the oxidizing action of a ferric 
salt takes place somewhat slowly, especially towards the end of 
the reaction, and this circumstance is the chief disadvantage of 
this method of determining ferric iron directly. A rapid and 
accurate method for the determination of ferric iron is described 
in Chapter x. 

Determination of other oxidizing agents by means of 
potassium iodide and thiosulphate 

In general it may be stated that any substance which will 
liberate iodine from potassium iodide quantitatively on acidifying 
may be determined by the iodometric method, and the few 
examples which have been given will serve to indicate the wide 
range of this method. But the possibilities of this method have 
been by no means exhausted ; persulphates, for example, may be 
determined with satisfactory results. It does not follow, however, 
that the iodometric method is necessarily the best method to 
employ when other methods are available; in particular the 
slowness of the liberation of iodine towards the end of the reaction 
in certain cases is an undoubted disadvantage. Some substances 
cannot be determined directly by this method, but may be deter- 
mined by taking advantage of the fact that when heated with 
concentrated hydrochloric acid they evolve chlorine ; the chlorine 
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may be allowed to liberate iodine from potassium iodide and this 
liberated iodine determined by sodium thiosulphate. 

Determination of oxidizing agents by distillation with 
hydrochloric acid 

Insoluble substances such as manganese dioxide may be 
determined with accuracy by distillation with excess of concen- 
trated hydrochloric acid, when chlorine is liberated quantitatively. 
In the case of manganese dioxide, the reaction takes place in 
accordance with the equation 

MnOo + 4HC1 - MnClo + 2 H 2 O -f CI2. 

The chlorine is then passed into an excess of potassium iodide 
solution, when one molecule of chlorine liberates one molecule of 
iodine. Since one molecule of iodine reacts with two molecules 
of sodium thiosulphate, it is clear that one molecule of manganese 
dioxide is ecjuivalent to two molecules of sodium thiosulphate. 

Various forms of apparatus have been devised for carrying out 
distillation determinations of this kind. If ordinary corks are 



employed, they should be soaked in melted paraffin wax before 
use in order to protect them from the corrosive action of the 
chlorine, but for the most accurate work it is best to have 
apparatus constructed with ground glass joints. 

For practice in this method a good exercise is the determina- 
tion of MnOg in a specimen of commercial pyrolusite. About 



v] DETERMINATIONS BY SODIUM THIOSULPHATE 55 

0-5 gramme of the substance is weighed out and introduced into the 
distillation apparatus, a moderate excess of concentrated hydro- 
chloric acid being added. In order to prevent regurgitation in 
the event of a fall of the pressure, it is advisable to add a small 
lump of magnesite to the contents of the distillation flask. This 
substance dissolves but slowly, generating a steady stream of 
carbon dioxide, which not only prevents regurgitation but also 
dilutes the chlorine and renders the absorption of the gas by the 
potassium iodide less violent. The absorption bulbs should be 
kept cool by being immersed in water during the experiment. 
After the reaction is completed, the contents of the absorption 
tubes are washed out with a little potassium iodide solution, 
diluted with water to some definite volume; aVKpiot portions are 
titrated by means of standard sodium thiosulphate solution, 
starch being added towards the end of the reaction. From the 
above equation the percentage of manganese dioxide in the weight 
of pyrolusite taken may be readily calculated. 

The distillation method is clearly applicable to all substances 
which evolve chlorine when heated with coTicentrated hydro- 
chloric acid. In general, however, its use is restricted to substances 
which are insoluble in water, such as lead dioxide and manganese 
dioxide, since soluble oxidizing agents libcjrate iodine from 
potassium iodide directly on the addition of acids. 

Use of sodium thiosulphate for residual titration with iodine 

In many determinations by means of iodine it is convenient 
not to determine the end-point of the reaction between the sub- 
stance which is undergoing oxidation and iodine directly, but to 
add a measured quantity of standard iodine solution that is 
known to be in excess of the quantity required, and then to 
determine the excess of iodine that has been added by residual 
titration with standard sodium thiosulphate. For example it was 
pointed out in Chapter iv that the direct titration of sulphur 
dioxide in aqueous solution by means of iodine was not to be 
recommended on account of irregularities which are not en- 
countered when the reaction is permitted to take place by allowing 
the solution of sulphur dioxide to flow into excess of iodine solution, 
the excess of iodine being determined by sodium thiosulphate. 



CHAPTER VI 


THE DETERMINATION OF HALIDES BY STANDARD 
SILVER NITRATE 

General 

A solution of silver nitrate finds frequent application in 
volumetric analysis for the determination of soluble halides by 
precipitation of insoluble silver halide. Soluble chlorides, bro- 
mides, and iodides are determined quantitatively by precipitation 
as the insoluble silver halide. Thus when a solution of silver 
nitrate is added to a solution of potassium chloride, double 
decomposition takes place in accordance with the equation 

AgNOg 4- KCl - AgCl -f KNOg. 

The end-point may be determined with great accuracy by taking 
advantage of the property which the silver halides possess of 
coagulating when agitated; it is thus possible to ascertain when 
precipitation is complete by adding the reagent very cautiously 
and observing whether any further precipitation takes place. 

A more rapid method of determining the end-point is to add 
a very small quantity of a solution of potassium chromate to the 
liquid undergoing titration. As long as precipitation of the 
halide is incomplete, the liejuid remains of a pale yellow colour, but 
as soon as the slightest excess of the silver solution has been added, 
the dark red colour of silver chromate imparts a characteristic 
pink tint to the liquid. In order to employ potassium chromate 
successfully as an indicator, it is essential that the solution which 
is undergoing titration should be exactly neutral. In presence of 
free acid the precipitation of silver chromate is interfered with, 
while free alkali causes the separation of silver oxide. For most 
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purposes it is advisable to determine the end-point by the aid of 
potassium chromate; but when great accuracy is aimed at, the 
slower method of ascertaining when precipitation is just complete 
will be found more satisfactory. When potassium chromate is 
used, the end-point is more readily observed by gaslight than it 
is by daylight. 

Preparation of a deci-normal solution 

Silver nitrate may be obtained of a high degree of purity by 
rccrystallization. The molecular weight of this salt is 169-89, 
International atomic weights being used; consequently a deci- 
normal solution will contain 16*989 grammes or, with sulhcient 
approximation, 17 grammes of the salt dissolved in one litre. 
A solution of silver nitrate prepared by weighing out the necessary 
quantity of the salt and diluting it to one litre may be relied upon 
as being of sufficient exactness for all ordinary purposes, but if 
the experimenter be in any doubt regarding the purity of the 
silver nitrate used the solution should be standardized by means 
of pure sodium chloride. 

Instead of making up a standard solution of silver nitrate from 
the recrystallized salt, the solution may be prepared by starting 
with pure metallic silver. The weighed (piantity of the metal is 
dissolved in pure dilute nitric acid with the aid of a gentle heat, 
care being taken to avoid loss of liquid by efTervescence. When 
solution is complete the excess of acid is removed by evaporating 
the solution to dryness, and the residue is then dissolved in water 
and made up to the necessary volume. 

Determination of halides 

As has been explained already, all soluble chlorides, bromides, 
and iodides may be determined by precipitation by means of 
standard silver nitrate. If the solution to be titrated contains 
free acid, and if it be desired to employ potassium chromate as 
an indicator, it is necessary to neutralize the free acid before 
titration. In many cases the simplest method of securing 
neutrality is to add a slight excess of calcium carbonate to the 
liquid. For example hydrochloric acid may be determined by 
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addition of excess of calcium carbonate, when the hydrochloric acid 
is converted into an equivalent amount of calcium chloride which 
possesses a neutral reaction, and which is precipitated quantita- 
tively by silver nitrate 

2HC1 + CaCOg ^ CaClg + H^O f COg, 

CaClg h ‘iAgNOg- Ca(N03)2 + 2AgCl. 

If Ui c.c. of the hydrochloric acid solution require c.c. of silver 
nitrate for complete precipitation, the weight x of hydrochloric 
acid per cubic centimetre is obtained by the solution of the equa- 
tion 

n^x equivalent of hydrochloric acid 36*5 
equivalent of silver nitrate 170’ 

where w is the weight of silver nitrate dissolved in each cubic 
centimetre of the standard solution. 

Indirect determinations Inj standard silver nitrate 
Not only may chlorides be determined by precipitation with 
silver nitrate solution, but all substances which can be converted 
quantitatively into jieutral chlorides may be determined in this 
way. For example the alkali salts of many organic acids are 
converted on ignition into carbonates: these carbonates may be 
decomposed by excess of dilute hydrochloric acid, and the excess 
of acid removed by evaporating the resulting solution to dryness. 
After extracting with wat(T, the solution of sodium or potassium 
chloriile is determined by titration with standard silver nitrate 
in the ordinary inaniKu, using potassium chromate as indicator. 
Instead of converting the carbonates into chlorides however, it 
is more usual to determine the carbonates by titration with 
standard mineral acid, methyl orange being employed as an 
indicator. 

Determination of two halides in a mixture 
A very important application of silver nitrate as a volumetric 
reagent consists in the determination of two halides such as 
sodium chloride and potassium chloride or potassium chloride and 
potassium bromide when present together in solution and the 
total weight of the mixed salts in a given volume of solution is 
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know^. The method depends upon the difference between the 
equivalent weights of the two halides, and the greater this dilTerence, 
the more accurate will be the determination. A single determina- 
tion with standard silver nitrate is sullicient for the estimation of 
the amounts of the two constituents of the mixture, as the following 
example will show. 

If we have a mixture of sodium chloride and potassium chloride, 
the solution containing grammes of the mixed salts dissolved 
in one litre, and we find from the results of the titrations that 
W 2 grammes of silver nitrate are required for complete precipitation 
per litre, the weights of the two chlorides are obtained by solving 
the simultaneous equations 


y~ u\ 


\10x 170?/ 

r),S-5 ''' 74-() 


= W2 


( 1 ), 

( 2 ), 


where x and y denote respectively the weights of sodium chloride 
and potassium chloride in one litre of the solution. 

Again if it is required to determine the weights of potassium 
chloride and potassium bromide in a solution containing 'w^ 
grammes of the mixed salts dissolved in one litre, aliquot portions 
of the solution are titrated by means of standard silver nitrate 
in the usual manner, and if it l>e found that grammes of silver 
nitrate are required for complete precipitation per litre, x the 
weight of potassium chloride and y the weight of potassium 
bromide are calculated from the equations 


x-\-y-== . . 

170a: MOy 

- 4 - 

74(> 1191 ^ 


(3), 


(4). 


It is clear that since the method depends upon the difference 
between the equivalent weights of the two constituents of the 
mixture, the accuracy of the process is somewhat limited. The 
method is most satisfactory w^hen there is not a great difference 
in the relative amounts of the two constituents of the mixture; 
it is easy to understand that if a solution containing a relatively 
large amount of one constituent as compared with the other be 
titrated with silver nitrate, a very small error in the titration wall 
give rise to a very considerable error in the calculated values. 
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acid 

Theory of errors involved in indirect analysis 

Let us consider, as in the special example already discussed, 
a mixture of two constituents : grammes of the mixture con- 

taining X grammes of a constituent of e([ui valent weight and 
y grammes of a constituent of e((ui valent weight mg. Let n be 
the equivalent weight of the substance employed in solution for 
the determination, and let grammes of this substance be re- 
quired for reaction with grammes of the mixture ; consequently 
we may write the equations 
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Tliis e(|uation shows that the error in x due to unit error in 
W2 is inversely proportional to the difTerence in the reciprocals 
of and 


Determination of chlorates 

All chlorates are decomposed on ignition into chlorides with 
evolution of oxygen. For example potassium chlorate decomposes 
according to the equation 

2KC103=2KC1+ 302. 
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As a matter of fact tlie decomposition is not quite so simple as 
that represented by this equation, since potassium chlorate on 
heating is converted partly into potassium perchlorate 

4 KC 103 = 3KCIO4 i KCl. 

But since the potassium perchlorate on heating is decomposed 
completely into potassium chloride with evolution of oxygen 

KCIO4 - KCl + 

the decomposition of the chlorate may be represented as taking 
place in accordance with the first equation. 

The weighed quantity of the chlorate is ignited in a crucible 
until constant in weight; the residue is then extracted with water 
and diluted to some definite volume. Aliijuot portions of the 
solution are then determined by titration with standard silver 
nitrate. 

Defer)}iinafi’(m of alkali cijanidcs in aqaroas sol alien 

If a solution of silver nitrate be added to a solution of potassium 
cyanide, double decomposition ta.k(\s place with formation of silver 
cyanide. But in presence of the excess of the alkali cyanide, the 
silver cyanide is not precipitated since it is k(q)t in solution as 
the soluble potassium silver cyanide KAg((JN)5,. The reaction 
may therefore be represented by the equation 

2KCN i AgNOg - KAgfON).,-) KNOg. 

If the addition of the silver nitrate be continued, a point is at 
length reached at which silver cyanide is ])recipitated, that is to 
say, the following reaction begins: 

KAg(CN)2 -f AgNOg - 2AgGN + KNO3. 

The end-point of the reaction shown in the first ecpiation is deter- 
mined without the addition of any foreign substance to the 
solution to serve as an indicator, it is simply that point at which 
the previously clear liquid becomes slightly turbid as the result 
of the separation of insoluble silver cyanide. It is clear from 
what has been stated that the calculation of the amount of 
potassium cyanide in solution is to be made from the first equation 
given above ; or in other words if % c.c. of the potassium cyanide 
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solution require the addition of ngC.c. of silver nitrate solution 
containing w grammes of the salt dissolved in each cubic centi- 
metre, the weight x of potassium cyanide per cubic centimetre is 
calculated from the equation 

2 X 65 
n2W 170 

Owing to the highly poisonous character of hydrocyanic acid, the 
vapour of which is continuously being given oft’ from solutions of 
potassium cyanide in consequence of hydrolysis, it is not advisable 
to measure out potassium cyanide solution in an ordinary pipette; 
it is much safer to mak(^ use of an automatic delivery pipette 
which obviates the necessity of iidialing the poisonous vapour. 

Determinat ion of silver 6// means of standard sodium chloride 

The examples which we have given of the application of silver 
nitrate to the determination of chlorides, bromides, and iodides 
in solution may clearly be applied in the reciprocal way. That 
is to say, silver in its soluble salts may be quantitatively pre- 
cipitated by means of solutions of any halide. For this purpose 
use is almost invariably made of sodium chloride, and indeed the 
determination of silver by means of standard sodium chloride 
solution is one of the oldest volumetric processes, and is still 
sometimes employed in the wet-assay of silver. For this latter 
purpose it is usual to determine the end-point by ascertaining 
when precipitation is complete, the procedure being rendered very 
accurate by completing the precipitation with a solution of sodium 
chloride of one-tenth of the strength of that used for precipitating 
the main quantity of the metal. 



CHAPTER VII 


THE DETERMINATION OF SILVER IN ACID SOLUTION 
BY STANDARD AMMONIUM rillOCYANATE 

If a solution of ammonium or potassium thiocyanate be added 
to a solution of silver nitrate, double decomposition takes place 
with precipitation of the sparingly soluble silver thiocyanate 
AgCNS, thus 

AgNOg 4 NH 4 CNS- AgCNS 1 - NlI^NOg. 

Upon this reaction, Volhard founded an elegant and accurate 
method for the volumetric determination of silv(?r. Soluble 
thiocyanates react with ferric salts with formation of the well- 
known blood red colour of ferric thiocyaiiate ; and consequently 
the end-point of the reaction is determined with great precision by 
adding a small quantity of ferric sulphate to tlie silver solution. 
As long as the precipitation of the silver thiocyanate is incomplete 
the solution remains colourless, but as soon as the slightest excess 
of thiocyanate has been added, the red colour of ferric thiocyanate 
imparts a permanent red colour to the liquid, which persists 
when it is shaken. 

Preparation of a deci-normal solution of ammonium thiocyanate 

Ammonium thiocyanate being a very deliquescent salt, it is 
very difficult to weigh out the theoretical quantity (7*6 grammes 
per litre) to make a solution of exactly deci-normal strength. 
The best plan is to weigh out a little more than the necessary 
quantity, so as to make up a solution of rather greater than deci- 
normal strength. The exact strength of this solution is then 
found by titration with standard silver nitrate solution. The 
thiocyanate solution may then be diluted so as to be exactly 
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deci-normal. In carrying out the titrations it is advisable to add 
a small quantity of nitric acid (free from lower oxides of nitrogen) 
to the silver solution, in order to decompose any basic ferric salt 
which would otherwise impart a brown colour to the liquid and 
thereby render the end-point less sharp than it should be. 

If c.c. of standard silver nitrate containing w grammes of 
the salt per c.c. require c.c. of ammonium thiocyanate to 
complete the reaction, and if x be the weight of ammonium 
thiocyanate per c.c., we obtain x by solving the equation 

equivalent of ammonium thiocyanate _ 76 
equivalent of silver nitrate 170 ‘ 

ApjAications 

In the previous chapter we have explained the use of standard 
silver nitrate as a volumetric reagent for the determination of 
halides. V It was also explained that the estimation of silver may 
be readi^^flfected volii metrically by the use of a standard solution 
ofso^lium ijutassiuin-^dilorida \ If the end-point is to be found by 
iS^ans of potassium chromate, the liquid undergoing titration and 
the volumetric precipitant must both be neutral.rJpLmmonium 
thiocyanate therefore possesses an advantage over soflium chloride 
as a reagent for the determination of silver, as it is available in 
the presence' of a considerable excess of free acid.^ Further, it 
may be employed for the determination of silver in presence of 
various other metals, including copper up to 70 per -cent. ; it is 
therefore of great value in the analysis of silver alloy^ As an 
example we shall describe the procedure for the determination of 
silver in a silver-copper alloy. ^ ^^^..^kn^n weight of the alloy 
(about 0*4 gramme) is dissolved in dilute nitric acid with the aid of 
a gentle heat, care being takeit to avoid loss of liquid by effer- 
vescence. After the action has ceased, the contents of the vessel 
and washings are transfexied to a measuring flask and distilled 
water is added to dilute the contents to the necessary volume. 
Aliquot portions of the liquid are withdrawn and titrated with 
standard ammonium thiocyanate solution, a small quantity of a 
solution of ferric sulphate being added as an indicator. 

The quantity of ferric sulphate which is added to a silver 
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solution which is titrated by ammonium thiocyanate is a matter 
of some little importance. Too small a quantity should be 
avoided, as the end-point is sharper in presence of a relatively 
large quantity of the iron salt. A little practice will soon enable 
the experimenter to ascertain how much of the indicator to add in 
order to obtain the best result. 

Determination of halides 

The determination of chlorides, bromides, or iodides may be 
effected satisfactorily by means of a standard solution of 
ammonium thiocyanate by first adding to the solution of the 
halide a known quantity of silver nitrate solution, which must 
be in excess, and then determining by residual titration with 
standard ammonium thiocyanate the amount of silver nitrate 
remaining unprecipitated. Formerly it was customary to titrate 
with ammonium thiocyanate in presence of the precipitated silver 
halide, but it has gradually become recognized that more accurate 
results are to be obtained ij first filtering off the precipitated 
silver halide, and titrating he filtrate and washings by means 
of ammonium thiocyanate. The reason of the lower degree of 
accuracy which is attained hy precipitating the silver thiocyanate 
in presence of the silver halir’e has been ascribed to the solvent 
action of ammonium thiocyanate on silver halides. 

All of the substances, including the various mixtures the deter- 
mination of which we have described in the previous chapter, 
may be determined by the addition of excess of silver nitrate 
and back-titration with ammonium thiocyanate. In addition, 
however, the fact that ammonium thiocyanate is available in the 
presence of free acid renders the metnod of residual titration by 
this substance of great availability. The estimation of chlorides 
which give an acid reaction in consequence of hydrolysis may be 
effected with satisfactory results. 


B. 
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CHAPTER VIII 


ACIDIMETRY AND ALKALIMETRY 
Introduction 

When aqueous solutions of an acid and a base are allowed to 
interact, neutralization takes place with formation of a salt and 
water, according to the general equation 

Acid + Base = Salt 4- Water. 

The process of neutralization is not always quantitative, that is 
to say, there are many cases in which the reaction is reversible to 
some extent. The reverse reaction to neutralization, that is, the 
partial decomposition of a salt into free acid and free base, is 
termed hydrolysis. Hydrolysis, tl eoreticaUy at least, occurs 
whenever any salt is dissolved in water, but in those cases in 
which the salt is the product of a str >ng acid, such as hydrochloric, 
and a strong base, such as sodi^im hydroxide, the degree of 
hydrolysis is practically infinitesimal. It is otherwise when the 
salt is the product of an acid and a base, one or both of which is 
weak. If the acid is weak and the base is strong, the result of 
hydrolysis is that the salt in solution has an alkaline reaction. 
Sodium acetate, for example, reacts alkaline in aqueous solution. 
On the other hand, if the salt; is the product of a weak base and 
a strong acid, the salt will possess an acid reaction in solution in 
consequence of hydrolysis. Ferric chloride, for example, reacts 
strongly acid when dissolved in water. The cases in which the salt 
is derived from a weak base and a weak acid are somewhat more 
complicated, but for the present purpose it is unnecessary to 
consider them, since it is impossible to determine a weak acid by 
means of a weak base satisfactorily, and, as we shall see later, 
it is never necessary to do so ; and generally, in acidimetry and 
alkalimetry methods are so chosen that hydrolysis comes as little 
into play as possible. 
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Indicators 

In order to determine the point of neutrality, a small quantity 
of a suitable “indicator” is added to the liquid undergoing 
titration. The indicators in common use are organic compounds 
which possess different colours in acid and in alkaline solution. 
The indicators themselves are feebly acidic or basic substances, 
and the slightest excess of either acid or base is sufficient to 
determine the change of colour. The choice of a suitable indicator 
to be employed in any particular acidimetric or alkalimetric 
determination is a matter of great importance, and is to be made 
from a consideration of the properties of the indicator and the 
relative strengths of the acid and base which are to interact. 
The theory of indicators will be discussed more fully in the next 
chapter; for the present purpose it will be sufficient to describe 
the properties of some of the various indicators in common use 
and to indicate the reasons for making any particular choice. 

Litmus 

This substance is one of the oldest indicators, and for many 
purposes it gives very satisfactory results. It is a substance of a 
feebly acid pature, and is blue in alkaline and red in acid solution. 
Neutrality is indicated by a pale lavender tint. This indicator 
may be employed in the titration of strong acids by strong bases, 
but it is not a sufficiently feeble acid to give satisfactory results 
with the weakest organic acids. Litmus is a weaker , acjd.>.than 
Qgj ^onic acid; in other words, it undergoes a colour change under 
the influence of carbon dioxide ; consequently in titrating alkaline 
carbonates in presence of litmus, it is necessary to keep the 
solution of the carbonate at the boiling point in order to expel 
carbon dioxide from the solution. 

Phenol'phihaUin 

Phenolphthalein or dihydroxyphthalophenone is a substance 
having the formula 

CeH4 CeH^OH 
H40H 

\/ 

0 


6—2 
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a nd is so weak jupt^aiad as to be almost devoid of acid properties 
in solution. It Js soluble in dilute alcohol, and is red in alkaline 
bg t olomleas j n acid solution. ^lus indicator, on account of its 
excessively weak acidic properties, is very well adapted for the 
determination of the weakest organic acids by titration with 
caustic soda. Phenolphthalein cannot be used for the titration 
of weak basj^like^nBMaonia, for reasons which will be explained 
in the next chapter, nor may it be used in presence of ammonium 
salts. This indicator is sensitive to carbon dioxide ; if an alkaline 
carbonate be titrated by a strong acid in presence of phenol- 
phthalein, neutrality will be indicated when the normal carbonate 
is converted into the bicarbonate, that is, when the normal 
carbonate is half neutralized. 

Methyl orange 

This substance is the aadiuig^lt of dimethylaminoazobenzene- 
^ulphonic acid SO3HCeH4N2C0H4N (CBt^~Tt is soliibTeln water, 
and is yellow in . alkaline bu t ..JceiL in acid solution. The 
substance is possessed of fairly well defined acid properties, and 
is an extremely good indicator for strong acids. Since methyl 
orange is a stronger acid than such acids as carbonic and boric, 
alkaline carbonates and borates may be titrated by means of 
strong acids with very good results, as this indicator is practically 
unaffected by weak acids. Methyl orange also yields satisfactory 
results when weak bases like ammonia are titrated by means of 
strong acids. In using this indicator it is important to avoid the 
use of too much of it, one drop of a solution of one-tenth per 
cent, strength is usually amply sufficient. If too great a quantity 
be employed tlm j^- 4 )jQin 1 i.J^ defined. The 

solution to be titrated should not b^ooffilgte, or else intermediate 
shades of colour will be obtained as the liquid approaches neutrality. 
Some persons appear to have considerable difficulty in obtaining 
satisfactory results with methyl orange, but it must be borne in 
mind that some eyes are much more sensitive to the colour change 
(than others. 
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Methyl red 

This substance is closely related to methyl orange, but con- 
tains an ortho carboxylic instead of a para sulphonic acid group. 
The substance has the formula COOHCeH4N2C6H4N (0113)2. It 
is possessed of somewhat weaker acid properties than methyl 
orange, and is yellow in alkaline but violet-red in acid solution. 
It is an extremely sensitive indicator and is very well adapted 
for the titration of weak bases by strong acids. The colour 
change is very much more striking than that of methyl orange, 
and is preferable to the latter indicator on that ground. On the 
other hand it is more sensitive to carbon dioxide. 

Paranitrojphenol 

This substance has the formula CeH4 (OH) (NOg). It is 
sparingly soluble in water, but more soluble in water containing 
alcohol. is perfectly colourless, but in alkaline 

solution it .cplouied -yellayf. In general properties this indicator 
has much in common with methyl orange, but is rather more 
sensitive to carbon diopde. Like methyl orange, it gives satis- 
factory results when weak bases are titrated by means of strong 
acids. 


Other indicators 

Many other organic compounds which are possessed of different 
colours in acid and in alkaline solution have been proposed from 
time to time as indicators for special purposes. It will be sujB&cient 
to mention such indicators as lacmoid, phenacetolin, congo red, 
and rosolic acid, but we must refer the reader to some larger 
treatise for an account of the properties of these substances. 

Standard soliUions of acid and alkali 

In all acidimetric and alkalimetric work it is obviously necessary 
to have some one substance of great purity with which to prepare 
a solution of accurately known strength, and in terms of which aU 
other acid and alkaline solutions may be readily standardized. 
Various substances have been suggested for this purpose. 
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Succinic acid (COOH)2 is a substance which may be obtained 
of a high degree of purity by recrystallization; a solution of this 
substance may be employed to determine the exact strength of 
solutions of potassium o r sodium hydroxide. Since succinic acid 
is a weak acid, phenolphthalein must be employed in titrating 
with this acid. Again sodium carbonate NagCOg may be obtained 
in a very pure state by heating the bicarbonate NaHCOg at a 
tempe 3 Cfttuxe.„„of^abnut.. 270 ?^XJ,, when water and carbon dioxide 
are expelled. A standard solution of sodium carbonate may 
readily be prepared and will serve as a reliable standard for the 
determination of the strengths of acids such as sulphuric or hydro- 
chloric. Some operators employ borax purified by recrystallization 
as standard substance. The standardization of acids may also be 
effected with very satisfactory results by the use of metallic 
sodium. This metal can readily be obtained in a state of great 
purity, and for most purposes there is no better method of 
standardizing acids for volumetric work. The metal is cut into 
small pieces, each of the order of one gramme in weight, freed 
from naphtha by pressing between filter paper, and after weighing 
rapidly to the nearest milligramme, each piece is dropped into 
a flask containing some rectified alcohol. The metal dissolves 
with evolution of hydrogen and formation of sodium ethoxide 
which remains dissolved in the excess of alcohol. The flasks 
should be held in an inclined position during the solution of the 
metal to prevent loss of liquid by effervescence. The reaction 
which takes place is represented by the equation 

2 Na + 2C2H5OH- 2C2H50Na -h Hg. 

When the metal has been completely dissolved, excess of water 
is added, when sodium hydroxide is formed according to the 
equation 

C2H50Na 4- H2O - C2H5OH -I- NaOH. 

The acid which is to be standardized is then titrated against this 
solution, litmus being used as an indicator. In standardizing an 
acid by this method, it is important to weigh the metal rapidly to 
avoid atmospheric oxidation as much as possible, and it is advisable 
to make successive determinations by weighing out separate 
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quantities of sodium, rather than by weighing out on 
metal and making up the resulting solution of sodium i. 
to some definite volume by dilution with water. The sodiui* 
be dissolved in rectified alcohol; methylated spirit must nOt 
used, as the impurities in this substance frequently interfere witi 
the accuracy of the experiment. It is perhaps scarcely necessary 
to remark that the sodium must not be placed in water directly. 
In calculating the strength of the acid which is being standardized, 
it is to be remembered that 23 parts by weight of sodium are 
equivalent to 36*5 parts by weight of hydrochloric acid, or to 
63 parts by weight of nitric acid or to 49 parts by weight of 
sulphuric acid. There is no necessity to calculate as an inter- 
mediate step the weight of sodium hydroxide which is produced 
from the weighed quantity of metal. 

An ingenious method of standardizir g acids for volumetric 
work depending upon the use of Iceland spar was devised some 
years ago by Orme Masson (Chem. News, 1900, p. 73). Iceland 
spar is calcium carbonate CaCOg probably in as pure a state as it 
is possible to obtain any substance. This substance dissolves in 
hydrochloric acid with formation of calcium chloride and evolution 
of carbon dioxide according to the equation 

CaCOg + 2HC1 - CaClg -f- HgO + COg. 

The essential feature of Masson’s method of employing this 
substance for standardizing hydrochloric acid is the use of a 
known weight of the substance which is always in excess of the 
amoimt theoretically required to react with the quantity of 
hydrochloric acid taken in any particular determination and 
determining gravimetrically the amount of Iceland spar remaining 
unacted upon. Small compact fragments of Iceland spar are 
broken from a large rhomb of the substance and a suitable weight 
(from 2 to 3 grammes) of the fragments placed in a beaker or other 
suitable vessel. The beaker with its contents is then carefully 
weighed. It is to be noted that it is unnecessary to know the 
weight of either beaker or Iceland spar separately. The measured 
quantity of hydrochloric acid is then run in from a burette, 
precautions being taken to guard against loss of liquid by efferves- 
cence. The beaker with its contents is then set aside until all 
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.eased. Then after boiling for some time to expel 
carbon dioxide from the solution, distilled water being 
irom time to time to prevent the solution from becoming 
much concentrated, the perfectly clear and neutral solution 
jf calcium chloride is decanted oil from the excess of Iceland spar 
which remains in the form of compact fragments. The beaker 
with the residual solid is then washed out several times with 
distilled water, dried at a temperature of about 110° C. and 
weighed. The difference between the initial and final weights of 
the beaker and Iceland spar is clearly equal to the weight of spar 
which has been dissolved by the volume of hydrochloric acid taken 
in the experiment. 

Since the jnokicular weight of calcium carbonate is very nearly 
100, it follows that 20 o.c. of a strictly normal acid should dissolve 
exactly one gramme d Iceland spar. The calculation of the 
strength of the acid is therefore effected with a minimum of 
arithmetical work, and further the method has the advantage of 
extreme simplicity of working, only one volume measurement and 
two weighings being involved in each determination. 

It might be supposed that the method was liable to yield 
inaccurate results, since it is conceivable that a portion of the 
residual spar might dissolve in the form of soluble calcium 
bicarbonate Ca (HC 03 ) 2 . such were the case, however, the 
bicarbonate would be decomposed by boiling the solution with 
formation of the normal carbonate and evolution of carbon 
dioxide. However, the author states that no turbidity was 
observable on boiling the solution, and consequently the solid 
must dissolve entirely as calcium chloride. The experiments 
which were described certainly indicate that the method is capable 
of yielding results of extreme accuracy. 

An accurate method of preparing standard hydrochloric acid 
by passing pure dry gaseous hydrogen chloride into water and 
weighing the amount absorbed was devised by Moody (Trans. 
Chem, Soc.f 1898, p. 658). The hydrogen chloride is generated 
by heating rock salt with concentrated sulphuric acid, or by 
dropping strong sulphuric acid into ordinary concentrated hydro- 
chloric acid. In the latter case it is necessary to dry the gas by 
strong sulphuric acid. The method is a simple one to carry out, 
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and the results obtained show that it leaves nothing to be desired 
from the point of view of accuracy. 

Having standardized a solution of hydrochloric or sulphuric 
acid by means of sodium or by other suitable means, we are in 
a position to prepare standard solutions of all other acids and 
alkalis*. For example, suppose we have determined the exact 
strength of a solution of hydrochloric acid and we wish to prepare 
a quantity of nitric acid of normal strength, all that is necessary 
is to refer to tables showing the relation between the specific 
gravity of aqueous solutions of nitric acid and the strength of the 
acid. Pure concentrated nitric acid is then diluted with water, 
until the mixture when cold has approximately the correct specific 
gravity, or preferably a specific gravity very little above that 
possessed by the normal acid. A solution of caustic soda, the 
strength of which need not be known, is taken and titrated first 
by the standard hydrochloric acid, and then by the nitric acid. 
Since one gramme molecular weight of sodium hydroxide is 
equivalent to 36*5 grammes of hydrochloric acid and also to 
63 grammes of nitric acid, it is a simple matter to calculate the 
exact strength of the nitric acid. The nitric acid is then cautiously 
diluted with water and restandardized, and the process repeated 
until the strength of the acid is exactly normal. 

In standardizing the weak organic acids such as acetic and 
tartaric, it is essential to employ phenolphthalein as the indicator. 
On the e ther hand if it is required to prepare a standard solution 
of ammo’nia, methyl orange or methyl red must be used in titrating 
this subs tance. 

The specific gravity of solutions of substances such as sulphuric 
acid and sodium hydroxide varies in a perfectly regular manner 
with the concentration of the solution. Consequently the specific 
gravity is a valuable aid during the preliminary process of preparing 
a standard solution. In certain cases, however, notably in the 
case of hydrochloric acid, standard solutions of approximately 
known strength may be prepared by taking advantage of the 


* It will be clear that in acidimetry and alkalimetry it is only necessary to have 
one standard liquid ol each kind. Hydrochloric acid and sodium hydroxide are 
the reagents usually employed ; the former has the advantage over other acids that 
its strength can be checked independently with reference to silver nitrate. 
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peculiar phenomena which take place when the aqueous solutions 
are distilled. It was shown by Roscoe and Dittmar that when 
a concentrated solution of hydrochloric acid was distilled, the 
solution gradually became weaker until the strength became 
constant. On the other hand a dilute solution became more 
concentrated on distillation, finally becoming of constant strength. 
The particular strength of hydrochloric acid which behaved on 
distillation like a pure liquid was found to depend upon the 
pressure. At a pressure of 760 mm. the constant boiling mixture 
of hydrochloric acid and water was found to contain 20*2 per 
cent, of acid. An acid of this strength may be diluted to any 
desired extent, but the exact strength should in all cases be deter- 
mined by titration. 

Determination of the water of crystallization in hydrated 
sodium carbonate 

It has been explained already that alkaline carbonates may 
be accurately titrated by means of strong acids, methyl orange 
being used as an indicator. A few grammes of the crystals are 
weighed out, dissolved in water, and made up to a suitable volume 
with water. Aliquot portions of the solution are then titrated 
by means of standard acid. The weight of anhydrous sodium 
carbonate is then calculated from the equation 

NagCOa + 2HC1 - 2NaCl -f HgO + CO^. 

It is clear from this equation that 53 grammes of auhydrous 
sodium carbonate are equivalent to 36*5 grammes of hydrochloric 
acid. 

If grammes of the crystals are taken, and it is found by 
titration that W 2 grammes of anhydrous sodium carbonate are 
present, the weight of combined water is clearly (w^ — W 2 ) grammes. 
This quantity of water has entered into combination with W 2 
grammes of anhydrous sodium carbonate; therefore the weight 
of water combined with one molecular weight of sodium carbonate 

is 106 ^ grammes. Dividing this fraction by the molecular 

weight of water (18), we obtain the number of molecules of water 
of crystallization in the substance. 
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Determination of sodium carbonate and hydroxide when 
f resent together 

This estimation is a problem of daily occurrence in alkali 
works. Formerly it was the usual practice to determine the 
caustic alkali alone by titration with standard acid after separation 
of the carbonate by precipitation as insoluble barium carbonate, and 
then to determine the total alkali by a separate titration. At the 
present time, the determination of the two constituents is effected 
by the use of two indicators. If to a solution of a mixture of 
alkaline carbonate and hydroxide hydrochloric acid be added in 
presence of phenolphthalein, neutrality will be indicated when the 
sodium hydroxide has been completely neutralized and the sodium 
carbonate converted into sodium hydrogen carbonate. In other 
words the neutralization of the two constituents of the mixture 
may be represented by the equations 

NaOH 4- HCl - NaCl + H^O, 
and NagCOa + HCl = NaCl + NaHCOa- 

During the titration with phenolphthalein, the tip of the burette 
should be kept immersed in the liquid to prevent the escape of 
carbon dioxide. A drop of methyl orange is now added to the 
liquid, and the titration continued until the reaction is completed. 
This second reaction consists in the decomposition of the sodium 
bicarbonate into sodium chloride, carbon dioxide, and water 

NaHCOg + HCl - NaCl + HgO + COg. 

If Wj c.c. of acid are reqxiired to discharge the red colour of the 
phenolphthalein, and a further 7^2 c.c. of acid are required to change 
the yellow colour of the methyl orange to pink, it is clear that the 
total alkali is represented by ^ 2 ) The sodium 

carbonate alone corresponds to 2n^ c.c. of acid, while the sodium 
hydroxide is represented by {n^ — c.c. of acid. 

Determination of sodium carbonate and bicarbonate in a mixture 

From what has been stated in the preceding section, it is clear 
that it should be possible to determine sodium bicarbonate and 
normal carbonate by the use of two indicators ; and, as a matter 
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of fact, satisfactory determinations of relatively small quantities 
of bicarbonate in presence of larger quantities of the normal 
carbonate may be readily carried out by this method. Phenol- 
phthalein is added to the measured quantity of the solution, and 
standard hydrochloric or other strong acid is run in until the 
colour disappears. If c.c. of acid are added, it is clear that the 
sodium carbonate is represented by 2vi c.c. of acid. If now a drop 
of methyl orange be added to the same liquid, and the addition 
of acid continued until the yellow liquid becomes red, c.c. of 
acid run in from the completion of the phenolphthalein titration, 
that is the total titration is + Vg) c.c. of acid, which represents 
the total alkali. The amount of acid which corresponds to the 
sodium bicarbonate is clearly equal to the difference between that 
required for the total alkali and that required for the normal 
carbonate, or (v^ -f ~ c.c. or (vg — 'yi) c.c. 

Determination of ammonium salts 

All ammonium salts are decomposed when boiled with excess of 
solutions of caustic alkalis. Thus when ammonium sulphate is 
boiled with excess of sodium hydroxide, the following reaction 
takes place: 

(NH4)2S04 4- 2NaOH == Na2S04 -f 2H2O -f 2NH3. 

The ammonia being volatile is expelled from the solution. The 
determination of an ammonium salt may be effected by adding 
a knou m excess of sodium hydroxide, 

boiling until all the ammonia has been driven off, and then 
determining by titration with standard sulphuric or other strong 
acid the amount of alkali remaining in excess. The amount of 
ammonium salt present is represented by the difference between 
the amount of sodium hydroxide originally taken and that found 
by titration after boiling off all the ammonia. Another method 
of carrying out the determination is to add an arbitrary excess of 
caustic soda of unknown strength to the ammonium salt and to 
conduct the decomposition of the ammonium salt in an apparatus 
for collecting the evolved ammonia in a measured excess of standard 
acid (Fig. 4). The amount of acid remaining unneutralized is then 
determined by titration with standard caustic soda. In this case 
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the amount of ammonium salt present is represented by the 
difference between the amount of standard acid taken originally 
and the amount remaining after absorption of the whole of the 
ammonia resulting from the decomposition of the salt. 

It must be borne in mind that all titrations in presence of 
ammonium salts must be carried out with litmus or preferably 
with methyl orange or with methyl red. Phenolphthalein must 
not be used on account of the hydrolysis of the ammonium phenol- 
phthalein salt. 



Both methods of determining ammonium salts giye equally 
satisfactory results in the ab^sence of substances which introduce 
complications ; but in certain cases, the method of estimating the 
ammonium salt by collecting the evolved ammonia in excess of 
standard acid must be employed. For example if it be desired 
to determine the percentage of the ammonium group in ammonium 
ferrous sulphatje, t]^ addition of caustic soda to this salt is im- 
mediately folloWed by the precipitation of ferrous hydroxide which 
would make titration with acid impossible. On the other hand the 
determination may be carried out with satisfactory results by the 
second method. 
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Determination of two adds in a mixture when the total 
acid is known 


The general principle of the method of indirect analysis 
depending upon the difference between the equivalent weights of 
the two constituents has been already described in connexion with 
the determination of two halides by means of standard silver 
nitrate (Chapter vi). It is obvious that a precisely similar 
procedure should suffice for the determination of two acids such 
as nitric and sulphuric by means of standard sodium hydroxide, 
and as a matter of fact satisfactory determinations of this kind 
may be readily made. 

If we have a mixture of nitric acid and sulphuric acid of such 
a strength that one litre of the solution contains grammes of 
the mixed acids, and we find by titration that W2 grammes of 
sodium hydroxide are required for complete neutralization of a 
litre of the solution, the weights of the two acids are found by 
solving the simultaneous equations 


x^y^w^ 


40x 

■63 



(1) > 

( 2 ) . 


where x and y denote respectively the weights of nitric and sul- 
phuric acid in grammes dissolved in one litre of the mixture. 

The theory of the errors involved in indirect determinations of 
this kind has been already discussed (Chapter vi), and it is clear 
that the method is open to the objections there indicated. 

In the example which we have discussed any indicator may 
be employed for determining neutrality since both of the con- 
stituents of the mixture are strong acids, and caustic soda is a 
strong base. On the other hand if either or both of the acids 
to be determined are weak, phenolphthalein must be used as the 
indicator. 

Determination of orthophosphoric acid 

This substance belongs to the group of acids of medium 
strength. The formula of the acid, H3PO4, and the fact that it 
gives rise to three series of salts, characterize it as a tribasic acid. 
On the other hand, its behaviour on neutralization by caustic soda 
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in presence of various indicators is somewhat peculiar. If the 
acid be neutralized by sodium hydroxide in presence of methyl 
orange, neutrality will be indicated when only one of the three 
hydrogen atoms has been replaced by sodium, dihydrogen sodium 
phosphate being formed according to the equation 

H3PO4 + NaOH = NaH2P04 + HgO. 

On the other hand if phenolphthalein be employed as indicator in 
the titration of this acid, the addition of sodium hydroxide may 
be continued until two equivalents of the base have been added 
to each molecule of phosphoric acid; in other words neutrality 
will be indicated when hydrogen disodium phosphate has been 
formed as indicated by the equation 

H3PO4 + 2 NaOH - Na2HP04 + 2 HaO. 

The theoretical explanation of this behaviour on neutralization 
will be given in the next chapter; for the present purpose all that 
it is necessary to bear in mind is that the calculation of the amount 
of acid present from the titration is to be made from the first 
equation if methyl orange is employed as the indicator, and from 
the second equation if the determination is carried out in presence 
of phenolphthalein. 

Determination of citric acid 
Citric acid is a tribasic acid of the formula 
CH2 . COOH 

I 

C (OH) COOH 
CH2.COOH 

It crystallizes with one molecule of water. Like phosphoric acid 
it behaves differently with different indicators on neutralization 
with sodium hydroxide. With methyl orange citric acid behaves 
as a monobasic acid, neutrality being indicated when the formation 
of the monosodium citrate has taken place. On the other hand, 
when phenolphthalein is employed as indicator, the trisodium salt 
of the acid is formed ; that is, the substance then behaves as a 
tribasic acid. 
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Determination of borax 

Borax is a substance of the formula Na2B407. It is the salt 
of an extremely weak acid and a strong base. Borax crystallizes 
with ten molecules of water, and is moderately soluble in water. 
The aqueous solution reacts strongly alkaline as a result of 
hydrolysis, and may be titrated by means of a strong acid using 
methyl orange as an indicator, when free boric acid is formed, 
but owing to the very feebly acid character of this substance the 
end-point with methyl orange is quite satisfactory. The neutra- 
lization may be expressed by the equation 

2HC1 + Na2B407 + SHgO == 2NaCl + 4H3BO3. 

If now to this liquid a little phenolphthalein be added, the free 
orthoboric acid may be titrated by means of sodium hydroxide. 
The end-point however is quite unsatisfactory, the red colour 
appearing before the whole of the free boric acid has been neutra- 
lized. It has been found, however, that if a moderately large 
quantity of glycerol or mannitol be added to the liquid under- 
going titration, then the end-point does really represent the point 
at which all the boric acid has been neutralized. The reaction is 
represented by the equation 

' 4H3BO3 -f 4NaOH - 4NaB02 -f SHgO, 

sodium metaborate being formed. 

It will be observed from what has been stated that borax may 
be titrated first as a base and then as an acid after liberation of 
the orthoboric acid by a strong acid, and exactly double the 
molecular proportion of sodium hydroxide is required for neutra- 
lization as acid to the quantity of hydrochloric acid which is 
required for neutralization as base. The extremely weakly acid 
properties of boric acid are shown by the fact that when neutralized 
by caustic soda in presence of phenolphthalein, the end-point is 
reached while a relatively considerable proportion of the acid 
remains unneutralized. The manner in which certain polyhydric 
alcohols such as glycerol stimulate the activity of the boric acid 
to such an extent that the acid may be quantitatively determined 
by sodium hydroxide in presence of phenolphthalein is unknown. 
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The sodium hydroxide which is employed for titrating borax 
must be absolutely free from carbonate, in the first place because 
phenolphthalein is being employed as indicator, and secondly 
because sodium carbonate itself reacts with boric acid in accord- 
ance with the equation 

NagCOg + 4H3BO3 - Na2B407 + COg + GHgO. 

In this equation four atoms of boron are equivalent to two atoms 
of sodium, whereas in the previous equation four atoms of boron 
are equivalent to four atoms of sodium. 

Baryta water as standard alkali 

For many purposes it is useful to employ a solution of barium 
hydroxide as a standard alkaline volumetric reagent. This sub- 
stance is a strong base and is on that account well adapted for 
the titration of weak organic acids such as succinic in presence 
of phenolphthalein. The solution should be of deci-normal 
strength, since stronger solutions are liable to separation of the 
solid on account of its limited solubility. Baryta water must be 
protected very carefully from atmospheric carbon dioxide since 
this gas causes precipitation of insoluble barium carbonate, which 
would of course alter the strength of the solution. The solution 
should therefore be preserved in a bottle in direct connexion with 
the burette, and a soda lime tube must be inserted in the upper 
part of the vessel to absorb atmospheric carbon dioxide. Not- 
withstanding these precautions the solution will require frequent 
titration with standard acid. 


B. 


0 



CHAPTER IX 


THE THEORY OF INDICATORS 

It is difficult, if not impossiWc, to define in a brief formula 
what an acid or a base is ; that is to say, to give such definitions 
of these two classes of substances as would be intelligible to anyone 
who had no practical acquaintance with them. The hypothesis 
of electrolytic dissociation has greatly facilitated the precise 
characterization of these classes of compounds. In terms of this 
hypothesis, acids are defined as compounds of hydrogen which 
prod uce free hydrogen ions in aqueous solution; the acidic 
properties of the solution being associated with the presence of 
hydrogen ions. Similarly the alkaline properties associated with 
solutions of basic substances are, in terms of the ionic theory, 
due to the presence of free hydroxyl ions. 

Indicators are to be regarded either as weak acids or as weak 
bases, andL Qstwald ha g applied the innization hypothesis in a simple 
and ingenious manner to the elucidation of the behaviour of the 
indicators which are commonly applied to determine neutrality. 
This theory depends upon the following points in the ionic theory : 

(1) Strong acids and strong bases are largely dissociated 
electrolytically in solution ; that is, their solutions contain a large 
quantity of hydrogen or of hydroxyl ions respectively. 

(2) Weak acids and weak bases are but little dissociated; 
their solutions contain only small quantities of hydrogen or of 
hydroxyl ions respectively. 

(3) Salts which are the product of either a weak base and 
a strong acid, or of a strong base and a weak acid, are largely 
dissociated in aqueous solution, 

(4) Salts belonging to the types considered in (3) tmdergo 
hydrolytic dissociation as well as ionization. Hydrolysis is still 
more pronounced in tho^ c^g^ of salts derived from weak bases 
and weak acids. Such solutions contain besides small quantities 
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of the cations and an'ons of the salt, a large quantity of the salt 
in the form of undissociated acid and base. For example phenol- 
phthalein is an extremely we^ acid. The addition of ammonium 
l^droxid^ to this substance results in the forma*tion of the 
"ammonium salt" of pkenolphthalein, a salt which is hydrolysed 
to very considerable extent. Denoting, for shortness, phenol- 
phthalein by HPh, the formation of ammonium phenolphthalein 
may be represented by the equation 

NH4OH 4- HPh 5=?: NH^Ph -h H2O. 

Whether ionization or hydrolysis will predominate in any 
particular case depends of course on the conditions of equilibrium. 

(5) If ions, which are capable of giving rise to a feebly 
dissociated compound, happen to come together in solution, 
that compound is formed. For this reason, and also for another 
reason which will appear presently, the already small electrolytic 
dissociation of a weak acid or a weak base is reduced to a further 
extent if excess of hydrogen ions or of hydroxyl ions be added to 
the solution. In the case of a weak organic acid, such as acetic 
acid, there is a definite equilibrium between the undissociated part 
of the molecule and the ions 

CH3COOH zji: H 4- CH3CO2 . 

This equilibrium is regulated by the law of mass action as repre- 
sented by the equation 

a . 6 = /: . c, 

where a denotes the concentration of the hydrogen ions, 6 the 
concentration of the anion, c the concentration of the undissociated 
molecule, and Ic the equilibrium constant. 

If, now, a strong acid, in other words if excess of hydrogen ions, 
be added to the solution, the equilibrium will be disturbed with 
the result that the ionization of the weak acid will be suppressed. 

We can now discuss the behaviour of an indicator towards acids 
and bases from the standpoint of this theory. Denoting as before 
phenolphthalein by the symbol HPh we may write the equilibria 


H4-Ph:5±:HPh (1), 

0H + K:5±:K;0H (2). 


6—2 
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The result of adding potassium hydroxide to the phenolphthalein 
is to form water by the union of the hydrogen and hydroxyl ions. 
Now water is dissociated electrolytically only to an exceedingly 
small extent. The result is that hydrogen ions disappear from 
the solution. The equilibrium represented by equation (1) is 
destroyed and consequently, in order to establish equilibrium again, 
more molecules of phenolphthalein must undergo ionic dissocia- 
tion. The result of this is that the concentration of the phenol- 
phthalein ions is increased. 

The solution is now coloured red, so we conclude that the red 
colour is to be connected with the phenolphthalein ion. The 
condition of the solution is now represented by 


K-j-Ph:5±:KPh (3), 

0H+K5=?:K0H (4). 


It is clear that in consequence of the addition of a sufficient 
quantity of caustic potash, the hydrogen ions of the phenol- 
phthalein and the hydroxyl ions of the potassium hydroxide 
combine to form water so that instead of the weak, feebly disso- 
ciated acid phenolphthalein, we now have the potassium salt of 
phenolphthalein which, being a salt derived from a weak acid and 
a strong base, is highly ionized. 

If now we add a strong acid, such as hydrochloric, to the red 
alkaline solution, the excess of alkali is neutralized according to 
the equation 

0“H-l-K4'H + Cl:^:^:K-|-Cl+H20 (6). 

Finally, if excess of hydrochloric acid be added, in other words 
if an excess of hydrogen ions be added to the solution, the solution 
will contain two kinds of ions which are capable of producing a 
compound which is very slightly ionized in solution, viz. phenol- 
phthalein. The formation of phenolphthalein may be represented 


by the equation 

K-f-Ph-fH + Cl^^K-fCl + HPh (6), 

or more simply thus 

Ph-hH^HPh (7). 
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Since phenolphthalein ions disappear from the solution, in order 
to restore the equilibrium represented by equation (3) the process 
must take place from right to left, i.e, the small quantity of 
undissociated potassium phenolphthalein dissociates into its ions, 
and the phenolphthalein ions combine with the excess of hydrogen 
ions of the hydrochloric acid to form undissociated phenolphthalein. 
In other words the end of the reaction consists in a complete 
reformation of the undissociated phenolphthalein molecule, so 
that we return to the condition of equilibrium represented in 
equation (1) 

H + Ph:^HPh 

and consequently to a colourless solution. 

What has been stated with regard to strong acids such as 
hydrochloric is equally true of weak organic acids, since they are 
sufficiently strong to suppress the ionization of phenolphthalein 
so that a colourless solution is the result. Now experiment shows 
that strong bases such as potassium and sodium hydroxides may 
be determined with great accuracy by titration with strong acids, 
but weak bases such as ammonia cannot be determined in this 
way. The explanation of this is given by the theory which we 
have discussed. After the strong base has been neutralized by 
the strong acid, the solution contains the ions of potassium and 
phenolphthalein, which result from the dissociation of the 
potassium salt of phenolphthalein; and an extremely small 
concentration of hydrogen ions is required in order to suppress 
the phenolphthalein ions into undissociated phenolphthalein, that 
is to decolorize the solution. 

But if the base is a weak one like ammonia, the strongly 
hydrolysed salt ammonium phenolphthalein is formed. The red 
colour of the solution is due to a large excess of ammonia which 
suppresses hydrolysis. If this excess of ammonia is removed by 
titration with acid, a point is at length reached when there is not 
enough ammonia to suppress the hydrolysis of the salt. The 
solution does not contain the ions of phenolphthalein but colour- 
less undissociated molecules of phenolphthalein ; in other words the 
red colour is discharged before all the ammonia is neutralized by 
the acid which is employed in the titration. 
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Methyl orange 

This substance is a moderately strong acid ; in dilute solution 
it is ionized to a considerable extent, the ion is yellow and the 
undissociated molecule is red 

H+Mezjj^HMe. 

Strong acids are capable of suppressing this electrolytic dissocia- 
tion with the result that the solution turns red. But the addition 
of a weak acid does not bring a sufl&cient excess of hydrogen ions 
into the solution to suppress the ionization of the methyl orange, 
so that no sharp colour change takes place. In other words 
methyl orange is useless for the titration of weak acids. 

The addition of alkali turns methyl orange yellow because the 
moderately strong acid methyl orange forms salts with weak bases 
which are dissociated electrolytically to a sufficient extent to give 
the yellow colour of the ion of methyl orange. 

If now the yellow coloured ammonia solution be titrated with 
a strong acid, like hydrochloric, the solution will remain yellow 
until only a very small quantity of ammonia is left. There is no 
dijBficulty due to hydrolysis with this indicator, because the salt 
which is formed, ammonium methyl orange, is the product of a 
weak base and a fairly strong acid. The colour change from 
yellow to red, which corresponds with the complete suppression 
of ionization, the formation of the molecule of methyl orange, first 
occurs when there is a drop of acid in excess. 


Dissociation constants of indicators 

It has been shown by Ostwald that the ionization of a weak 
electrolyte is strictly in accordance with the law of mass action, 
that is to say, the equilibrium between the undissociated molecule 
of a weak acid and its ions is regulated by the equation 

K X (concentration of undissociated molecule) 

= (concentration of hydrion) x (concentration of anion). 

In the special case in which the indicator is ionized to the extent 
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of 50 per cent., we have the simple relation, K = (H)*, that is to 
say, the dissociation constant of an indicator is equal to the 
concentration of the hydrogen ions in the solution in which the 
indicator is ionized to the extent of 50 per cent. 

The dissociation constants of a number of the indicators in 
common use have been determined. For a description of the 
experimental methods by which the dissociation constants have 
been determined we must refer the reader to original papers. 

The following results have been obtained by Salm (Zeitsch. 
physikaL Chem., 1906, 57, p. 471). 

Indicator 

Acids Methyl orange 

„ Methyl redf 

„ Paranitrophenol 

„ Rosolic acid 

„ Alizarine 

„ Phenolphthalein 

Bases Cyanine 

„ Dimothylaminoazo- 

benzene 

A knowledge of the dissociation constants of indicators furnishes 
us not only with the knowledge of which indicator is the best to 
employ for any particular titration, but also the error which a less 
suitable indicator would have introduced. It is essential in any 
given acidimetric or alkalimetric determination to titrate to a 
particular colour corresponding to a given concentration of 
hydrogen ions. 

If a strong acid is titrated by a strong base, the resulting 
solution will possess a neutral reaction. It is otherwise if one of 
the components of the salt is a weak acid or a weak base. If we 
add to a solution of ammonia the equivalent quantity of hydro- 
chloric acid, the resulting solution will react acid in consequence 
of hydrolysis. If we add to boric acid the equivalent quantity of 
sodium hydroxide the resulting solution will be strongly alkaline 
in reaction. Now an indicator ought to tell us when a given 

* Or K =(OH) in the case of basic indicators. 

t Tizard {Tram, Chem, Soc., 1910, 97, p. 2477). 

I The values given for the dissociation constant of phenolphthalein by different 
inv^igators vary considerably. Values higher than 10"* have been given. 


K Dissociation 
constant 

4*6 XlO-* 

1 06x10-® 
2*3 xlO-’ 

1*1 xlO-* 
8-8 xl0-» 
8-0 Xl0“^«t 

4*2 XlO"® 
1-4 xl0-»» 
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quantity of acid has had the equivalent quantity of base added 
to it ; and this point, which we shall term the equivalent point, is 
only identical with the neutralization point in the case of strong 
electrolytes. 

Behaviour of polybasic acids 

In the previous chapter we had occasion to mention the 
peculiar behaviour of citric and orthophosphoric acids towards 
phenolphthalein and methyl orange. What explanation of the 
difference in behaviour towards the two indicators is forthcoming? 
To this question a perfectly general answer can be given. A 
polybasic acid may be titrated as a monobasic one, if an indicator 
is employed which changes colour with a concentration of hydrogen 
ions which corresponds with the concentration of hydrogen ions of 
the primary salt. Again a polybasic acid may be titrated as a 
dibasic acid if the indicator which is employed is one which changes 
colour with the concentration of hydrogen ions of the secondary 
salt, and so on. A deci-normal solution of dihydrogen sodium 
phosphate has been found to possess a hydrion concentration of 
9*3 X 10^^ normal ; a deci-normal solution of hydrogen disodium 
phosphate has been found to possess a hydrion concentration of 
1*3 X 10”"* normal. If these numbers be compared with the dis- 
sociation constants of methyl orange and of phenolphthalein, the 
behaviour of phosphoric acid on titration with these two indicators 
becomes readily intelligible. 

The question may be asked — Can orthophosphoric acid be 
titrated as a tribasic acid? The concentration of hydrogen ions 
in a solution of trisodium phosphate has been determined as 
4'3 X 10"”^® normal ; so that if an indicator be selected which 
changes colour with a concentration of hydrogen ions corresponding 
to that particular number, the titration of phosphoric acid as a 
tribasic acid ought to be possible experimentally. 

The sensitiveness of indicators 

If we know the dissociation constant of an indicator, we can 
say within what particular concentrations of hydrogen ions its 
colour change will take place. This may be tested by preparing 
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a number of aqueous solutions so that the concentrations* of 
hydrogen ions in them are respectively 10~®, 10~^, 10"“®, 

10”'^, 10~®, 10“®, 10'^®, 10“^^. The concentration of hydrogen 
ions in pure water at 25° C. is approximately 10“'^. The range of 
sensitiveness of an indicator can then be tested by placing small 
equal quantities of it in turn in the different solutions. It will be 
found that methyl orange is completely red in the 10“® solution, 
orange coloured in the 10“^ solution, and yellow at lO"®. Methyl 
red is completely red at 10 light red at lO"*^, and yellow at 
10“®. Again phenolphthalein is colourless at a concentration of 
hydrogen ions of 10"’’', faintly coloured at 10"®, and deeply coloured 
at 10“®. Reference to the table giving the dissociation constants 
of these indicators will show that except in the somewhat doubtful 
case of phenolphthalein the values of these constants lie within 
the limits of the range of sensitiveness. 

Since the concentration of hydrogen in pure water is approxi- 
mately 10"'^ at 25° C., it follows that the exactly neutral point is 
only determined by an indicator which has a dissociation constant 
of about 10“^. It docs not follow, however, that an indicator with 
a dissociation constant of that particular value is necessarily there- 
fore the best to use, but it may be stated generally that the most 
useful indicators are those with dissociation constants not greatly 
different from 10”’. An indicator must therefore be a weak acid 
or a weak base, but it must not be too weak; for example an 
indicator with a dissociation constant of 10”^^ which undergoes 
a colour change at concentrations of hydrogen ions of 10”^® and 
10“^®, that is between concentrations of hydroxyl ions of 10"^ 
and 10“® (since the product of the concentrations of the hydrogen 
and hydroxyl ions in water is 10”^^ at 25° C.), would be too weak. 
A fairly considerable quantity of alkali is necessary to effect the 
change in such cases. 

Considering now the process of titration of an acid by a base, 
the effect of the gradual addition of alkali to the acid is to diminish 
the concentration of the hydrogen ions in the solution until a point 
is reached when the indicator commences to dissociate electro- 
lyliically to an appreciable extent. This point may or may not 
be the so-called equivalent point, that is to say the point when 


In gramme ions per litre. 
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exactly equivalent quantities of acid and base are present together. 
In titration, we may either stop the addition of alkali as soon as 
we observe a distinct colour change or we may continue the process 
until further slight addition of alkali has no more appreciable 
effect. If we are working with a two-coloured indicator such as 
methyl orange or methyl red, and if we stop the titration as soon 
as we observe a distinct colour change, the end-point will be 
independent of the amount of the indicator present, because we 
are titrating to a certain fractional change of the indicator. This, 
however, does not take account of the fact that the neutralization 
of the indicator does require a certain amount of alkali for its 
completion, and obviously the more of the indicator which is 
present the greater will be the amount of alkali required. The 
difficulty does not arise, however, if the indicator is put into the 
solution in the same form as it will have at the end of the titration, 
that is to say if methyl orange or methyl red be used in the form 
of their sodium salts. The effect of the amount of indicator 
present in the solution on the end-point is somewhat different in 
the case of an indicator such as phenolphthalein, in which we 
continue the addition of alkali until there is a certain colour in 
the solution, that is to say until there is a certain amount of 
coloured substance formed. If there is a fairly large quantity of 
indicator present, the amount of coloured substance may be but 
a small fraction of the total quantity of indicator; but if the 
quantity of indicator is small, the amount of coloured substance 
may be a relatively large fraction of the total quantity of indicator. 
Since the equilibrium between the undissociated molecule of an 
indicator and its ions is regulated by the law of mass action, viz. 
K X (concentration of undissociated molecule) 

= (concentration of hydrion) x (concentration of anion), 

it is clear that the greater the amount of the indicator, the more 
sensitive will it be to small concentrations of hydrogen ions. In the 
particular case of phenolphthalein, while it is true that the larger 
the quantity of the substance present, the more sensitive it is to 
small concentrations of hydrogen ions, there is a limit to its 
sensitiveness owing to its very limited solubility. 

The manner in which the concentration of hydrogen ions varies 
in a solution during the process of titration may be demonstrated 
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in a satisfactory manner by the curve in Fig. 5. This curve 
represents the change in the concentration of hydrogen ions when 
the titration of 50 c.c. of* centi-normal hydrochloric acid by 
centi-normal sodium hydroxide is almost complete. The abscissae 
represent the concentration of hydrogen ions, while the ordinates 
represent the number of cubic centimetres of base added. When 
49*95 c.c. of base are added, the concentration of hydrogen ions 
is 10“® ; when 50*05 c.c. are present, the concentration of hydrogen 
ions is 10~®. Along the curve are written the various indicators 
at points which correspond to the particular end-points they 
indicate. It will be observed that methyl red, litmus, and phenol- 
phthalein come on the flat point of the curve; in other words 



these indicators all give sharp end-points. For methyl red, the 
result obtained, viz. 49*95 c.c. instead of the theoretical 60 c.c., is 
correct to about one part in one thousand. Phenolphthalein 
gives an equally satisfactory end-point, the result of which gives 
an error of the same order of magnitude in the other direction. 
Methyl orange, however, occurs on the steep part of the curve, and 
has the additional disadvantage that its colour changes compara- 
tively slowly. The end-point observed with this indicator will be 
about 49*8 c.c. giving a result considerably less accurate than the 
other indicators. 
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Very interesting results are obtained when either the acid or 
the base is weak. In the adjoining diagram (Fig. 6) curves are 
given representing respectively the titration of hydrochloric acid 
by ammonia and of acetic acid by sodium hydroxide, all the 
substances being in centi-normal solution. On account of 
hydrolysis, the concentration of the hydrogen ions in the solution, 
when acid and base are present in equivalent proportions, is not 
the same as in pure water. The addition of excess of acid or base 
does not alter the concentration of the hydrogen ions to a great 
extent; because one effect of such addition is to diminish the 
degree of hydrolysis; and, further, if the weak electrolyte is 



present in excess, the degree of ionization is reduced by the pres- 
ence of the neutral salt. A glance at the curves will show that 
although in these cases the degree of hydrolysis is small and easily 
reduced to nil by the addition of a slight excess of either con- 
stituent^ the flat part of the curve is very much curtailed. Instead 
of finding that there are a number of indicators which determine 
neutrality with accuracy, we find only methyl red in one case, and 
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plxenolphthalein in the other. The use of other indicators than 
those mentioned gives very inaccurate results, and the order of 
magnitude of the errors is clearly indicated by the curves. 

In cases where either the acid or the base is still weaker, the 
flat portion of the curve becomes curtailed to a still further extent 
and finally disappears altogether. No indicator will give a 
satisfactory result in such cases, and accurate titration becomes 
impossible. A good example of a weak base with which accurate 
results cannot be obtained is aniline. Aniline hydrochloride is 
hydrolysed to such a great extent that the concentration of 
hydrogen ions in solution at the equivalent point is 10"®*®; a 
large excess of acid or base produces only a slight change in this 



value. The titration of centi-normal aniline by hydrochloric acid 
of this concentration is shown by the curve m Fig. 7. 

In the previous chapter it was stated that satisfactory results 
cannot be obtained by titrating a weak acid with a weak base. 
This fact is well shown by the curve representing the titration of 
centi-normal acetic acid by centi-normal ammonia. Since, how- 
ever, there is never any necessity to titrate a weak acid by a weak 
base we need not discuss this matter any further. 
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Other theories of indicators 

It must be pointed out that the ionic theory of indicators is 
by no means generally accepted by all chemists. It is contended 
by some that it fails to give a sufficient explanation of all the facts, 
and also that the change of colour in acid and alkaline solution 
may be explained as due to a change in the constitution of the 
indicator*. It would be beyond the scope of this work to enter 
into a detailed discussion of the relative merits of these theories, 
but it must be pointed out that the ionic theory is the only one 
by which the observed phenomena receive quantitative explana- 
tion. It must also be pointed out that the ionic theory by no 
means precludes the possibility of change of constitution of the 
indicator in passing from acid to alkaline solution and vice versa^ 
indeed we have the strongest reasons for believing that such 
change occurs. 

Change of constitution 

It is contrary to experience to observe that simple change in 
the degree of ionization is accompanied by a striking change of 
colour. For example the colour of a solution of cupric sulphate 
is blue whether the solution is concentrated or dilute, although 
the salt is present chiefly in the form of undissociated molecules 
in the strong solution, and almost completely ionized in the dilute 
solution. It is true that change of the concentration of a solution 
is usually accompanied with an alteration of the defth of the 
colour, but we have abundant evidence that a radical change of 
colour is usually brought about by a change of constitution. We 
therefore regard indicators as substances of which the undissociated 
molecule consists of an equilibrium mixture of tautomeric forms, 
one of which only ionizes to any considerable extent. This con- 
ception does not affect the discussion of indicators from the point 
of view of electrolytic dissociation, provided we bear in mind that 
the undissociated molecule is really an equilibrium mixture of the 
tautomeric forms; indicators being regarded not as true but as 
pseudo acids or bases. According to this view the change in 
ionization is accompanied by a tautomeric change, and it is clear 

* The discussion of the chemical constitution of the acidic and basic forms of 
indicators can scarcely be considered from a general point of view. It is best to 
confine the discussion to particular cases. 
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that the tautomeric change must be a rapid one in order that the 
indicator may determine neutrality with sharpness. Ionic reac- 
tions are practically instantaneous, but this is not necessarily the 
case with tautomeric reactions, and some indicators are somewhat 
slow in their colour change on this account. 

On the simple ionic theory an indicator w^as represented by a 
formula such as XOH, which on undergoing electrolytic dissociation 

was split up into the ions XO and H, the undissociated molecule 

XOH and the anion XO being differently coloured in solution. On 
the modified theory according to which the indicator consists of two 
or more tautomeric forms in equilibrium, the indicator might be 
represented as an equilibrium mixture of the forms XOH and 

HXO, the form XOH being capable of dissociating into the ions 

- + 

XO and H. The equilibrium equation might be written as 
HXO XOH H + XO. 

The form XOH and the ion XO must be similarly coloured, but 
the form HXO must be differently coloured from these. If in 
the equilibrium between the two tautomeric forms there is a great 
excess of the form HXO, the colour of the solution will be deter- 
mined by that form. However, if equilibrium be disturbed by 
ionization taking place, the form XOH will disappear, and a 
readjustment of equilibrium between the two tautomeric forms will 
take place. ‘ The process may go on until the solution contains 

a large amount of the ion XO and only a very small amount of 
the two forms HXO and XOH; the colour of the solution will 

now be determined by the colour of the ion XO. It is clear that 
the general theory of indicators is not materially altered by the 
substitution of the equilibrium mixture of the tautomeric forms 
for that of the simple undissociated molecule. 
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CHAPTER X 

UNCLASSIFIED VOLUMETRIC DETERMINATIONS 

In this chapter we shall give an account of methods of deter- 
mining various substances by methods which cannot readily be 
classified under any general scheme, although some of them are 
concerned with oxidation and precipitation reactions. Some of 
the methods are empirical in the sense that they require approxi- 
mately uniform conditions of standardizing the reagent and 
applying it to the particular determination which it is desired to 
carry out. 

Determination of copper by the cyanide method 

When a solution of ammonia is added to a solution of a cupric 
salt, a precipitate of cupric hydroxide is first formed, which readily 
dissolves in excess of ammonia forming a deep blue solution of a 
complex copper ammonium salt. If potassium cyanide be added 
to the ammoniacal copper solution, the blue colour is gradually 
discharged until it ultimately disappears*. Upon these reactions 
a rapid method of determining copper has been based, but the 
method is a purely empirical one, as the quantity of potassium 
cyanide required to decolorize a solution containing a given 
quantity of copper depends to a considerable extent upon the 
amount of free ammonia in the liquid and upon other factors. 
It is therefore not advisable to attempt to represent the reactions 
which occur by means of equations, but to standardize the solution 
of potassium cyanide with reference to pure electrolytic copper, 

♦ The reactions which occur are very complicated and it is perhaps scarcely 
advisable to attempt to represent them by equations. 
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and to adhere as closely as possible in carrying out the actual 
determinations to the conditions of experiment observed in 
standardizing the cyanide solution. 

The standard copper solution is prepared by dissolving a 
known weight of pure electrolytic copper (about 5 grammes) in 
nitric acid diluted with its own volume of water, care being taken 
to guard against loss of liquid by effervescence. After solution 
of the metal, it is advisable to add a small quantity of bromine 
water and to boil the liquid till the bromine is removed. The 
object of this treatment with bromine water is to oxidize any 
nitrous acid formed by the reduction of the nitric acid by the 
metal. The solution is boiled until the greater part of the free 
acid has been expelled by evaporation, and is then diluted with 
water and made up to a known volume. 

A solution of potassium cyanide containing about 30 grammes 
of the salt per litre is next prepared, and standardized upon the 
copper solution in the following manner. A measured quantity 
of the copper solution is taken and ammonia added in slight 
excess of the amount required to produce a dark blue solution, 
the amount of ammonia solution being noted. The potassium 
cyanide solution is then added from a burette until a very pale 
lavender tint remains in the liquid. It is better to stop the addition 
of the cyanide solution at this point rather than to continue it 
until the colour is totally discharged, as the end-point is more 
easily observed in the former case. The titration is then repeated 
a second and a third time, using the same amount of ammonia 
solution in each case. 

When the copper value of the potassium cyanide solution has 
been obtained, the determination of copper in an unknown 
solution may be made. It is however very important to adjust 
the conditions so as to be approximately identical in each case; 
otherwise the method will not give accurate results. The potas- 
sium cyanide solution should be standardized at frequent short 
intervals, as the salt is unstable in aqueous solution, becoming 
hydrolysed to formate and other products. It has been stated 
by some operators that more uniform results are obtained if the 
solution is made alkaline with some other substance than ammonia, 
and ammonium carbonate has been recommended for this purpose. 

7 


B. 
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Determination of ferric iron by reduction with titanous 
chloride solution 

An aqueous solution of titanous chloride TiCl 3 possesses 
powerful reducing properties, becoming itself oxidized to titanic 
chloride TiCl^. Thus a solution of ferric chloride is quantitatively 
reduced to ferrous chloride according to the equation 

FeCla-l- TiClg- FeClg-f TiCl^. 

The solution of titanous chloride, which possesses a beautiful 
purple colour, must be preserved in an atmosphere of hydrogen 
on account of the great ease with which it undergoes oxidation 
to titanic chloride which is colourless. The end-point of the 
reduction of the ferric salt is readily observed by the addition of 
some ammonium thiocyanate solution, and the addition of the 
titanous chloride solution is continued until the dark red solution 
becomes colourless. 

Titanous chloride in concentrated solution is now a commercial 
product, and the standard solution is prepared by boiling about 
50 c.c. of the commercial solution with about 100 c.c. of strong 
hydrochloric acid. The mixture is then diluted with water to 
about 2’ 25 litres and preserved in a reservoir which is in connexion 
with an apparatus for generating hydrogen from zinc and hydro- 
chloric acid. The burette for delivering the liquid is placed in 
direct connexion with the reservoir. 

The iron value of the titanous chloride solution is obtained by 
dissolving a known weight of pure ferrous ammonium sulphate in 
water with the addition of a little sulphuric acid and diluting the 
mixture to a suitable volume. A solution containing about four 
grammes of the double salt in 200 c.c. wdll be found of a suitable 
strength. An aliquot portion of this solution (20 c.c.) is then 
withdrawn and dilute potassium permanganate solution is added 
until a faint pink colour remains in the liquid. A moderate 
excess of ammonium thiocyanate solution is then added, and the 
titanous chloride solution is then run in from the burette until 
the red colour of the solution vanishes. Further titrations are 
carried out in the same way, and the iron value of the titanous 
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chloride solution determined. The double iron salt contains one- 
seventh of its own weight of iron. It is clear that it is unnecessary 
to know the strength of the permanganate solution. The titanous 
chloride solution can then be employed for the direct determina- 
tion of an unknown solution of a ferric salt. It is immaterial 
whether the iron be present in the form of chloride or sulphate, 
but the presence of free mineral acid is necessary, as otherwise the 
end-point of the reaction will not be clearly defined. The titanous 
chloride solution should be titrated against a standard solution 
of iron at frequent short intervals, even although protected from 
atmospheric oxygen by being preserved in a hydrogen atmosphere’* 

Determination of the available chlorine in bleaching 
powder by standard ar senile solution 

The chlorine which is present in bleaching powder in the form 
of hypochlorite when the substance is treated with water may be 
readily and accurately determined by oxidation of a solution of 
an alkaline arsenite. The arsenious oxide is converted by the 
available chlorine into arsenic oxide, 198 parts by weight of 
arsenious oxide being equivalent to 4 x 35*5 parts by weight of 
available chlorine. The method of preparing a standard solution 
of sodium arsenite has been described in Chapter iv. A suitable 
quantity of the sample of bleaching powder is weighed out, 
triturated with water, and made up to a known volume as described 
in Chapter v. Aliquot portions of the milky liquid are then 
withdrawn and the standard solution of sodium arsenite allowed 
to flow in from the burette until the reaction is complet ed. 
end-point of the reaction is determined by means of starch 
potassium iodide paper employed as an external indicator. This 
paper is prepared by soaking pieces of filter paper in a solution of 
starch to which a little potassium iodide has been added. After 
drying, the paper will be found a sensitive test for certain oxidizing 
agents such as chlorine. In using starch potassium iodide paper 
in the determination of bleaching powder, drops of the liquid 
undergoing titration are removed by means of a glass rod and 
brought in contact with the paper. As long as any available 

* For further applications of titanous chloride the reader is referred to the work 
of Knecht and Hibbert, New Redwtioti Methods in Volumetric Analysis, 1910. 

7—2 
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chlorine remains in the liquid, the paper will be stained a dark 
colour, but as soon as the reaction has been completed, the paper 
will remain colourless. 

Instead of carrying out the determination with the aid of an 
external indicator, some chemists prefer to add a measured 
quantity of the standard solution of sodium arsenite, which must 
be in excess of the amount required to react with the quantity of 
bleaching powder taken. The excess of alkaline arsenite is then 
determined by back titration with standard iodine. 


Determination of zinc by means of potassium ferrocyanide 

When a solution of potassium ferrocyanide is added to a solution 
of a zinc salt a sparingly soluble double ferrocyanide of potassium 
and zinc is precipitated. Upon this reaction a method of deter- 
mining zinc has been based. This method is of an empirical 
nature and consequently the conditions of experiment should be 
adjusted so as to be approximately identical in the different de- 
terminations, The ferrocyanide solution is prepared by dissolving 
about 35 grammes of the crystallized salt in water and diluting 
the solution to one litre. The solution is standardized by means 
of a solution of zinc sulphate or chloride prepared by dissolving 
about one gramme of pure zinc in hot dilute sulphuric or hydro- 
chloric acid, care being taken to avoid loss of liquid by effervescence. 
The solution of the metal is diluted with water and made up to 
a known volume (200 c.c.). A large excess of free acid should 
be avoided, but the solution should certainly contain some free 
acid. Aliquot portions of the solution are then withdrawn and 
heated to about 90° C. and the solution of potassium ferrocyanide 
added from a burette until a drop of the liquid when brought in 
contact with a drop of a solution of uranyl acetate on a spot plate 
shows a brown colour due to the formation of uranyl ferrocyanide, 
indicating that a slight excess of ferrocyanide has been added. 
The titration should not be carried out too rapidly, since the 
precipitation of the double ferrocyanide of zinc and potassium 
takes place somewhat slowly. The end-point with uranyl acetate 
is usually clearly defined in the absence of certain metals such 
as iron. When care is taken, it is not diiSEicult to obtain 
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concordant results with this method. The zinc value of the ferro- 
cyanide solution having been obtained, the standard solution may 
be employed to determine unktiown zinc solutions. Some chemists 
employ ammonium molybdate instead of uranyl acetate as an 
external indicator. 

Determination of zinc by means of sodium sulphide solution 

Zinc is readily precipitated as sulphide in an alkaline solution, 
and an excellent volumetric method of determining this element 
has been based upon this reaction. The standard solution of 
sodium sulphide is prepared by saturating a strong solution of 
sodium hydroxide with hydrogen sulphide, and adding more 
caustic soda until the odour of the gas has been removed. The 
reactions which occur may be represented by tlie equations 

NaOH + HgS - NaHS + HgO, 
and NaHS -f NaOH = Na^S -f HgO. 

The solution is standardized by means of a solution of a zinc salt 
•prepared by dissolving a known weight of the pure, metal in dilute 
hydrochloric acid and diluting the solution to a suitable volume. 
The solution of sodium sulphide is titrated against the zinc 
solution in the following manner. An aliquot portion of the zinc 
solution is measured out, and a mixture of ammonia and ammonium 
carbonate added in sufficient quantity to redissolve the precipitate 
which first forms. The sodium sulphide solution is added from 
a burette, and drops of the liquid undergoing titration are brought 
in contact with drops of sodium nitroprusside solution on a spot 
plate until the presence of a trace of alkaline sulphide in excess 
is shown by the appearance of a beautiful violet colour with the 
nitroprusside indicator. The reaction that takes place may be 
represented by the equation 

ZnS 04 + Na^S = ZnS + Na 2 S 04 . 

The solution of sodium sulphide should then be diluted to a 
suitable strength for the determinations. It is best to ascertain 
the zinc value of the standard solution and employ that value 
rather than to attempt to calculate the strength of the solution from 
the chemical equation. Some chemists prefer to use an alkaline 
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solution of lead tartrate instead of sodium nitroprusside as the 
external indicator, the end-point of the reaction being indicated 
by the formation of a black precipitate of lead sulphide. Nickelous 
chloride has also been employed for the same purpose. 

Determination of formaldehyde 

Formaldehyde, H.CHO, is a gas which is readily soluble in 
water. The product containing about 40 per cent, of formaldehyde 
is known commercially as formalin, and is much used as a disin- 
fectant. The substance in dilute aqueous solution may be deter- 
mined by a number of methods, one of the best depending upon 
the oxidation of the aldehyde by means of iodine in alkaline 
solution. When an aqueous solution of formaldehyde is oxidized 
by means of iodine in presence of sodium hydroxide, sodium 
formate and iodide are formed according to the equation 

H . CHO + I 2 + 3NaOH - H . COONa + 2NaI + 2 H 2 O. 

In carrying out the determination, the measured quantity of the 
dilute aqueous solution of formaldehyde is mixed with a measured 
quantity of standard iodine solution, which must be in excess. 
Sodium hydroxide solution is then added until the liquid becomes 
of a pale yellow colour. The mixture is allowed to react for ten 
minutes, and then the solution is acidified with dilute hydrochloric 
acid to liberate the excess of iodine. This liberated iodine is 
then determined by titration with standard sodium thiosulphate 
solution. The iodine which has been used up in the oxidation of 
the formaldehyde is thus determined by difference. 

Determination of phosphates 

The determination of phosphates may be effected volumetri- 
cally by a number of methods, and for general purposes it is very 
difficult to recommend any one method in preference to another. 
For ordinary work, the uranium method is perhaps the simplest, 
and with care it can be made to yield satisfactory results. This 
method is, however, an empirical one, and consequently it is 
important to see that the same conditions of experiment are 
observed in standardizing the uranium solution as are employed 
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in carr3Hing out the determination of phosphates in unknown 
solutions. 

The determination of pho&phates by precipitation with uranyl 
nitrate or acetate depends upon the fact that the phosphate 
radical is precipitated as uranyl phosphate. The precipitation 
takes place somewhat slowly in the cold, but more rapidly at a 
higher temperature ; a temperature of about 90° C. 3delds good 
results. The end-point of the reaction is determined by means 
of potassium ferrocyanide solution on a spot plate, when the 
presence of the slightest excess of the uranium solution is shown 
by the appearance of the brown colour of uranyl ferrocyanide. 
If uranyl nitrate is employed as the standard solution, it is necessary 
to add sodium acetate to the liquid undergoing titration in order 
to prevent the possibility of the occurrence of free nitric acid in 
the solution ; ndth uranyl acetate, the addition of sodium acetate 
is unnecessary, but if added it will do no harm. 

The standardization of the uranium solution may be effected 
either on pure tricalcium phosphate 00.3(1^04)2 or on hydrogen 
podium ammonium phosphate NaNH4TTP044H2P (microcosmic 
salt). The former salt is to be preferred if the uranium solution is 
required for the determination of phosphoric acid in combination 
with calcium or magnesium. A suitable quantity, say 10 grammes, 
of tricalcium phosphate is weighed out and dissolved in a little 
nitric acid, and the liquid diluted to a litre. If there is any doubt 
about the purity of the calcium phosphate, the phosphorus should 
be determined gravimetrically as magnesium pyrophosphate. 

The uranium solution is prepared by dissolving about 35 
grammes of either the acetate or the nitrate in water and diluting 
the solution to one litre. This solution is standardized by measur- 
ing out a suitable volume of the standard phosphate solution, 
heating to about 90° C., and titrating with the uranium solution 
until a drop of the liquid when brought in contact with a drop 
of potassium ferrocyanide on a spot plate produces a permanent 
brown colour. If the titration is made with uranyl nitrate, a 
measured quantity of a solution of sodium acetate containing 
acetic acid must be added in each titration ; about 5 c.c. of a 
solution containing 100 grammes of sodium acetate and 50 c.c. 
of glacial acetic acid should be added in each titration. The 
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phosphate value of the uranium solution is then determined. 
For most purposes, it will be found convenient to express the 
strength of the uranium solution iii terms of its equivalence to 
phosphorus pentoxide P 2 O 5 . 

The uranium method of determining phosphates requires con- 
siderable care, especially as regards determining the end-point by 
means of the ferrocyanide indicator. The precipitation of uranium 
phosphate takes place somewhat slowly, with the result that a 
colour reaction with potassium ferrocyanide is sometimes observed 
before precipitation is complete, if the titration is carried out too 
hastily. A little practice will soon enable the operator to ascertain 
when the true end-point has been reached. 


Determination of sodium 

Sodium is a metal which forms very few insoluble salts, and 
consequently the precipitation of this element from solution can 
only be effected in a few isolated cases. It has been shown 
however that the sodium salt of dihydroxytartaric acid is a very 
sparingly soluble substance, and, since this acid may be oxidized 
to carbon dioxide and water by means of potassium permanganate 
in presence of dilute sulphuric acid, a valuable volumetric method 
of determining soduim has been placed in the hands of chemists. 
For details of the experimental procedure, the student is recom- 
mended to consult the original paper by Fenton {Trans. Chem. 
Soc,, 1898, p. 167) ; the principles upon which the method depends 
however may be briefly stated. 

When tartaric acid in concentrated aqueous solution is treated 
with hydrogen peroxide in presence of a small quantity of a ferrous 
salt it undergoes oxidation to dihydroxymaleic acid. The oxida- 
tion of the tartaric acid may be represented by the equation 

CH(0H)C00H (HO)CCOOH 

I +0- j| +H 2 O. 

CH(0H)C00H (HO)CCOOH 

The oxidation of the tartaric acid must be effected in ice cold 
solution, and the isolation of the dihydroxymaleic acid is carried 
out by addition of fuming sulphuric acid in very small quantities 
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at a time. The dihydroxymaleic acid crystallizes with two 
molecules of water. 

The next step is the conversion of the dihydroxymaleic acid 
into dihydroxy tartaric acid by oxidation by means of bromine. 
The dihydroxymaleic acid is suspended in glacial acetic acid, and 
a slight excess of bromine added in small quantities at a time. 
A drop of water is occasionally added to the mixture. The reaction 
which takes place is represented by the equation 

(OH)CCOOH C{OH)oCOOH 

:: + 2H2O + Br2 - i + 2HBr. 

(OH)CCOOH C(0H)2C00H 

After standing for some time, the dihydroxytartaric acid is 
precipitated as a heavy crystalline solid. The product is puri- 
fied by washing with anhydrous ether after filtering off under 
pressure. 

Fenton showed that when this acid is treated with potassium 
permanganate in presence of sulphuric acid it undergoes complete 
oxidation to carbon dioxide and water. It would appear that 
one molecule of dihydroxytartaric acid should theoretioally require 
three atoms of oxygen for complete oxidation according to the 
equation 

C4H6O8 + 30 - 4CO2 + 3H2O. 

But experiment shows that the amount of oxygen required is 
always less ‘than the theoretical amount. The actual quantity of 
oxygen required corresponds very nearly to 2*9 atoms. It is not 
clear to what the difference between the experimental and the 
theoretical values is due, although it may be due to the slow 
decomposition of the dihydroxytartaric acid in aqueous solution 
into tartronic acid and carbon dioxide. Tartronic acid is oxidized 
by permanganate, but with much greater slowness than dihy- 
droxytartaric acid. The action of potassium permanganate on 
dihydroxytartaric acid in presence of dilute sulphuric acid is slow 
at first, but soon becomes much more rapid and finally becomes 
slow again as the end of the reaction is approached. The 
end-point is however quite definite. 

In carrying out a determination of sodium, a suitable quantity 
of dihydroxytartaric acid is exactly converted into the potassium 
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salt by neutralization with potassium carbonate. The neutraliza- 
tion is effected by dissolving the acid and potassium carbonate in 
equivalent proportions in separate small quantities of ice cold 
water, and mixing the solutions. The potassium salt separates 
in the crystalline form. A known weight of pure sodium chloride 
is then taken, dissolved in the minimum quantity of water, and 
cooled in ice. A considerable excess of potassium dihydroxy- 
tartrate is also dissolved in the least quantity of ice cold water; 
the two solutions are mixed and kept at a low temperature for 
some time. Sodium dihydroxytartrate is precipitated by double 
decomposition. The precipitate is collected on a filter, washed 
with a small quantity of ice cold water, and dissolved in excess of 
dilute sulphuric acid. The resulting solution is then titrated with 
potassium permanganate. 

It will be observed that the permanganate is standardized with 
reference to pure sodium chloride. Having determined the sodium 
value of the permanganate solution the determination of sodium 
in other compounds may be carried out. It is better to proceed 
in this way rather than to calculate the result from the fact that 
one molecule of dihydroxytartaric acid is oxidized by approxi- 
mately 2-9 atoms of oxygen. 

Determinatio7i of the hardness of waters 

Natural waters are classified as hard or soft according as they 
require much or little soap to make a lather. The hardness of 
many natural waters is due to the presence of calcium or magnesium 
salts in solution. When a hard water is brought in contact with 
a soap, a substance which consists of the sodium or potassium 
salts of certain higher fatty acids, double decomposition takes 
place with the formation of a precipitate which consists of the 
calcium or magnesium salts of the fatty acids derived from the 
soap. The hardness of a water may be temporary, that is, the 
water is capable of being softened by boiling. Temporary hard- 
ness is due to the presence of calcium carbonate, which is held in 
solution by carbon dioxide in the form of a soluble bicarbonate. 
When the water is boiled, the carbon dioxide is expelled from 
solution resulting in the precipitation of the calcium carbonate. 
The cause of the permanent hardness of a water, that is, of the 
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hardness which cannot be removed by boiling, is the presence of 
dissolved calcium or magnesium sulphate. 

A method of determining the hardness of waters was devised 
many years ago by Clark, This method consists in adding a 
standard solution of soap to a measured volume of the water with 
frequent shaking until a permanent lather is obtained. The first 
portions of the soap are used up in the precipitation of the insoluble 
calcium and other salts, but as soon as excess of soap has been added, 
a permanent lather is obtained. The soap solution is prepared by 
dissolving a suitable quantity of Castille soap in dilute alcohol. The 
solution is made of such a strength that 1 c.c. of it will precipitate 
exactly 1 milligramme of calcium carbonate in solution. The soap 
solution is standardized by weighing out one gramme of Iceland 
spar, dissolving this in excess of dilute hydrocliloric acid, and 
evaporating the solution to dryness. The residue is dissolved in 
distilled water and diluted to one litre. Measured quantities of 
this solution of calcium chloride are taken, and the standard soap 
solution added from a burette until a permanent lather is obtained. 
It is important always to conduct the titrations in the same manner. 
The titrations are carried out in stoppered bottles in order to 
permit vigorous shaking. The soap solution should be added in 
small quantities at a time, shaking carefully between each addition. 
Even when the quantity of soap which is approximately required 
is known, the reagent should be added in the manner described. 
The end- point is taken as that point at w^hieh the contents of the 
bottle possess a permanent unbroken lather over the surface of 
the liquid. An experiment is also made to ascertain how much 
soap solution is required to produce a permanent lather with a 
certain volume of distilled water. This correction is applied to 
the result obtained in standardizing the soap solution. In deter- 
mining the hardness of a water, a suitable volume of it is titrated 
in the manner already described. The results are usually expressed 
in so-called degrees of hardness or parts by weight of calcium 
salts or their equivalent in 70,000 parts of water. This scale 
corresponds to parts by weight in grains of calcium carbonate to 
a gallon of water. To simplify the arithmetical work it is usual 
to titrate 70 c.c. of the water at a time; if the soap solution is 
properly standardized, the degrees of hardness are obtained 
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directly by reference to a table. The use of a table is necessary, 
since the volume of soap solution which must be added to produce 
a permanent lather is not strictly proportional to the amount of 
calcium salt present. That is to say, if 1 c.c. of the soap solution 
will precipitate 1 milligramme of calcium carbonate, a solution 
containing n milligrammes of calcium carbonate will not require 
n c.c. of soap solution but a smaller volume. This departure 
from direct proportionality plainly indicates that the theory of 
the process is much more complicated than that which has been 
given; nevertheless the process gives satisfactory results when 
properly carried out. 

The process which has been described determines the total 
hardness, that is, the sum of the temporary and permanent 
hardnesses. To determine the permanent hardness alone, a 
volume of the water equal to that originally taken for the deter- 
mination of the total hardness is boiled for about half an hour 
and made up to its original volume with distilled water. This 
water is then titrated with standard soap solution in the usual 
way. The result gives the permanent hardness, and the difference 
from the total hardness gives the temporary hardness. 

A preferable method of determining the hardness of water was 
devised by Hehner. The temporary hardness of the water is de- 
termined by direct titration with standard sulphuric acid. For this 
N . . . 

purpose sulphuric acid is used. One cubic centimetre of acid 

of this strength will neutralize exactly one milligramme of calcium 
carbonate. In carrying out a determination of the temporary 
hardness 100 c.c. or 70 c.c. of the water are heated nearly to 
boiling, a small quantity of a suitable indicator being added to 
the liquid. Very good results are obtained with phenacetolin. 
This indicator is pink in solutions of alkaline carbonates, but 
golden yellow in acid solution. The addition of the standard acid 
is continued until the correct colour change takes place. The 
result gives the degree of temporary hardness directly in parts per 
70,000 parts of water. 

The permanent hardness is obtained by double decomposition 


with a standard solution 



of sodium carbonate. 


Each cubic 
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centimetre of this solution will precipitate one milligramme of 
calcium carbonate or its equivalent in magnesium salts from 
solution. A measured volume of the water to be examined 
(70 c.c.) is taken, and a suitable known excess of standard sodium 
carbonate added. The solution is evaporated to dryness in a 
platinum dish, the soluble portion extracted with distilled water, 
filtered, and the filtrate titrated with standard sulphuric acid. 
The titration represents the amount of sodium carbonate added 
in excess; the difference representing the permanent hardness. 

If the water contains alkali carbonate, the apparent temporary 
hardness as determined by titration with acid will be greater than 
the true value. The determination of the permanent hardness 
on the other hand may show more sodium carbonate than was 
actually added. In such a case there is no permanent hardness 
since the salts to which the hardness is due are decomposed by 
the alkali carbonate. The true temporary hardness is obtained 
by deducting the apparent increase in the amount of sodium 
carbonate added from the temporary hardness as determined by 
the acid titration ; the result will be the true temporary hardness. 



CHAPTER XI 


SOME APPLICATIONS OP VOLUMETRIC METHODS 

The reader who has worked through the previous chapters of 
this book will have become aware of the possibilities of combining 
two or more different volumetric processes together in order to 
determine the constituents of various mixtures. The availability 
of volumetric methods for work of this kind is very great, and it is 
the object of the present chapter to illustrate a few of the deter- 
minations which may be effected in this way. In many cases, 
alternative methods to those which are suggested are available. 

(1) Determination of oxalic and sulphuric acids when 
present together in the same solution 

The oxalic acid is determined by titrating a measured portion 
of the solution by standard potassium permanganate, the solution 
being as usual warmed to increase the velocity of the reaction. 
If the quantity of sulphuric acid present in the mixture is in- 
sufficient to prevent the precipitation of hydrated manganese 
dioxide, fresh dilute sulphuric acid must be added in each titration. 
Then in another experiment, measured portions of the solution 
are titrated with standard sodium hydroxide, phenolphthalein 
being employed as an indicator. From the titration with caustic 
soda we determine the quantity of soda required to neutralize both 
acids. Then, knowing the amount of oxalic acid which is present 
in a given volume of the solution from the permanganate titration, 
we can calculate how much sodium hydroxide has been employed 
in the neutralization of the oxalic acid alone. The difference 
between the amount of caustic soda found by experiment and 
that which has been employed in the neutralization of the oxalic 
acid is clearly equal to that which has been employed in the 
neutralization of the sulphuric acid, which is thus determined. 
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(2) Determination of the amounts of ammonium chloride 
and ammonium^ sulphate in a mixture 

The ammonium chloride is determined by direct titration with 
standard silver nitrate in the usual way, potassium chromate being 
employed as indicator. Then another portion of the solution is 
boiled with a measured excess of standard sodium hydroxide until 
all ammonia is expelled from the solution. The amount of caustic 
soda remaining in excess is then determined by titration with 
standard acid. The difference between the amount of caustic 
alkali originally taken and that determined by titration is clearly 
equal to the amount required to decompose the ammonium 
chloride and sulphate in the portion of the mixture taken. In 
this way, the total quantity of the radical ammonium, NH 4 , is 
determined. Knowing the amount of ammonium chloride from 
the titration with silver nitrate we can calculate the amount of 
ammonium sulphate by difference. 

(3) Determination of the amounts of sodium chloride 

and sodium hydroxide in a solution 

The sodium hydroxide is determined first by titration with 
standard nitric or sulphuric acid. Then to the neutral solution 
thus obtained, two drops of potassium chromate are added, and 
the sodium chloride determined by titration with standard silver 
nitrate. It is best, after determining the sodium hydroxide, to 
neutralize another portion of the solution exactly without the use 
of any indicator, and to employ the solution thus prepared to 
estimate the chloride, as the colour change of the chromate 
indicator is more easily seen in the absence of litmus or other 
acidimetric indicators. 

(4) Determination of the amounts of hydrochloric acid 

and sodium chloride in a solution 

The hydrochloric acid is determined by direct titration with 
caustic soda. The total chloride is then determined by titrating 
the neutral solution thus obtained with standard silver nitrate. 
As in the last example it is best to prepare an exactly neutral 
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solution for determination of the chlorine without any acidimetric 
indicator. From the silver nitrate titration, we determine the 
total amount of chloride ; the amount of chlorine combined with 
hydrogen is calculated from the titration with caustic alkali. 
The chlorine combined with sodium is then calculated by difference. 

(5) Determination of the amounts of ammonium chloride 
and sodium hydroxide in a solution 

If a solution of these two constituents be prepared, the amounts 
of the constituents may be determined by first titrating the sodium 
hydroxide with standard acid using methyl orange as indicator, 
and then decomposing the ammonium chloride by boiling another 
portion of the solution till free from ammonia, and determining by 
titration with standard acid the amount of sodium hydroxide 
remaining in excess. This procedure will clearly be successful 
only if the amount of sodium hydroxide in the original mixture is 
in excess of the amount required to decompose the ammonium 
salt. If the solution contains the two constituents in such pro- 
portions that the amount of ammonium chloride is not present in 
sufficient quantity to effect the complete decomposition of the 
ammonium salt by boiling the solution, a known quantity of 
standard sodium hydroxide must be added to the solution before 
boiling. In calculating the amount of ammonium chloride in this 
latter case, due allowance must be made for the extra quantity 
of sodium hydroxide added to the mixture. 

This determination might also be carried out by first deter- 
mining the sodium hydroxide by neutralization with standard 
sulphuric or nitric acid, and then titrating the ammonium chloride 
with standard silver nitrate in the ordinary way. Or if the method 
of decomposing the ammonium salt by caustic soda be employed, 
the procedure might be varied by passing the evolved ammonia 
into a measured excess of standard acid, and then determining by 
titration with standard alkali the amount of acid which remains 
unneutralized. 

A solution of a mixture of caustic soda and ammonium chloride 
will not keep for any length of time, as the decomposition of the 
ammonium salt by the action of the caustic alkali takes place 
even at the ordinary temperature. 
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Further applications 

The few examples that haVe been described will serve to give 
some idea of the large variety of exercises of the kind that can 
be devised. Many instructive experiments may be performed by 
estimating the same substance in different ways. For example, 
the strength of a solution of ferric chloride might be determined 
by titration with standard potassium dichromate after reduction 
with stannous chloride, the excess of stannous chloride being 
precipitated by mercuric chloride. The same substance could 
also be determined by the addition of a measured excess of standard 
silver nitrate, the amount of silver remaining in excess being 
determined with standard ammonium thiocyanate. 

The direct determination of substances in solution, while being 
the main purpose of volumetric analysis, is, however, only one of 
the uses of this branch of practical chemistry. Many physico- 
chemical determinations are effected by volumetric methods, of 
which mention must be made of solubilities, partition coeflScients, 
ajid velocity constants of chemical reactions. We. shall now give 
a very brief account of the methods of applying volumetric 
analysis to problems of this kind. 

Determination of solubilities 

(a) Of solids. The first thing to be done in determining the 
solubility of a solid in water is to prepare a saturated solution. 
This may be done in two different ways. Either a quantity of the 
finely powdered solid is agitated with the solvent for a considerable 
time, the solvent being kept at a constant temperature; or 
advantage is taken of the fact that the solubility of most solids 
is greater at high temperatures than at lower temperatures, a 
saturated solution at the desired temperature being prepared by 
cooling a solution from a higher temperature. The latter method 
of preparing a saturated solution usually leads to higher results 
than the former, since the time taken for the establishment of 
equilibrium between solvent and solute at the ordinary temperature 
is very great. For most purposes it is best to prepare the saturated 
solution by both methods, as the true value of the solubility must 

B. 8 
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clearly lie between the results obtained by the two methods. 
In all cases, it is essential to have excess of the solute in contact 
with the solution in order that the condition of saturation may be 
realized. 

The strength of a saturated solution may be expressed in 
various ways, but the two most important are, first, to express the 
strength by stating that the saturated solution contains so many 
grammes of solute per litre, and second, by stating that a given 
volume of the solvent will dissolve a certain amount of solid. In 
both cases it is essential that the temperature be stated. 

When a saturated solution has been prepared a suitable 
quantity of it is weighed out. Let the weight of saturated solution 
taken be w^. In many cases, such a solution is much too strong 
to be titrated directly, it is therefore diluted to a measured extent. 
Aliquot portions of the diluted solution are then withdrawn and 
the strength determined by titration. The weight of solute in 
the weight of saturated solution is then calculated. Let the 
weight of solute thus determined be Then the quantity of 
water which has dissolved this weight of solute is clearly Wi-- W 2 * 

Among the various substances which are suitable for exercises 
in the determination of solubility may be mentioned oxalic acid, 
potassium dichromate, and ammonium chloride. 

(6) Of gases. In discussing the solubility of gases in liquids, 
we have two main types of gas to deal with; those which obey 
the law of Henry, and those which do not. The former gases are 
the sparingly soluble ones, the solubility of which is best deter- 
mined by absorptiometer methods. The latter gases are highly 
soluble in water and include gases such as ammonia and hydrogen 
chloride the properties of which lend themselves very well to 
solubility determination by volumetric methods. The preparation 
of saturated solutions of these very soluble gases is best effected 
by the use of a narrow U-shaped glass tube with a bulb near the 
bend. The bulb tube is first weighed empty. Then the bulb is 
about three-quarters filled with water, and the apparatus placed 
in a bath at a constant temperature. 

The liquid in the bulb is then saturated with the gas. When 
the absorption of gas has been judged to be complete, the two 
ends of the bulb tube are sealed off. The bulb with its contents, 
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and of course the ends of the tube which have been removed in 
the sealings are then carefully weighed. The known weight of 
saturated solution thus obtained is then analysed by breaking the 
bulb under a suitable liquid, and the resulting solution titrated. 
In the case of ammonia, the bulb is broken under a measured 
excess of standard acid, and the excess determined by titration 
with standard alkali, methyl orange or methyl red being employed 
as indicator. In the case of hydrogen chloride, the bulb may be 
broken under a large excess of water, and the acid determined by 
direct titration with caustic soda. 

Determination of partition coefficients 

When a substance which is soluble in each of two immiscible 
solvents is shaken up with them, it distributes itself between the 
two solvents in a particular way. If the substance possesses the 
same molecular weight in both solvents, then the following simple 
relation holds 



wnere and Cg denote respectively the concentration of the 
substance in the first and in the second solvent, and fc is a 
constant. 

If, however, the molecular condition of the substance is 
different in the two solvents, the relation is a little more compli- 
cated. If the substance associates to form a complex which 
possesses a molecular weight which is n times as great in the 
second solvent to what it is in the first solvent, then we have the 
relation 



which is an immediate consequence of the law of mass action. 

The constant, which is termed the ratio of distribution or the 
partition coefl&cient of the substance between the two solvents, 
may be determined by shaking up the solute with measured 
volumes of the solvents, separating the solutions thus obtained, 
and determining by titration the concentration of the substance 

8—2 
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in the two solutions. Experiments are made with different total 
concentrations, and also with varying volumes of the two solvents. 
After a few determinations, it will- soon be observed if the ratio 
of the concentrations is constant or if a more complex law is 
obeyed. For practice in the determination of partition coeffi- 
cients, experiments may be made on the distribution of succinic 
acid between ether and water, and on the distribution of benzoic 
acid between benzene and water. In both cases, the titrations 
should be carried out with baryta water, phenolphthalein being 
used as indicator. 

Determination of the velocity of chemical reactions 

For an account of the theory of velocity of chemical change 
reference must be made to some text-book of physical chemistry. 
All that will be attempted here will be to illustrate the application 
of volumetric analysis to the determination of some substance 
which is taking part in a chemical change. In this connexion it 
may be pointed out that the usual object which the chemist has 
in vi^w in determining velocity constants is to determine the 
so-called “order’’ of the reaction. While it is true that the order 
of a reaction agrees in many cases with the actual number of 
molecules which are represented as taking part in the reaction by 
the chemical equation, it is an undoubted fact that in a large 
number of cases the order of the reaction is found to be less than 
the number of molecules which the chemical equation represents. 
While this does not demand an immediate revision of the theory 
of the subject, it certainly suggests the necessity of a less stringent 
application of the order of a reaction as determined by measure- 
ment of the reaction velocity to the estimation of the number of 
molecules which take part in a chemical reaction. 

All experiments on velocity of reaction must be performed 
under conditions which maintain the reacting substances at a 
constant temperature, since the temperature coefficient of velocity 
is very great. In many cases a rise of 10® C. doubles or trebles 
the reaction velocity. 

A reaction which may be studied with success by an acidi- 
metric method is the decomposition of dibromosuccinic acid into 
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bromomaleic acid and hydrobromic acid. This reaction takes 
place in aqueous solution according to the equation 

C2H2Br2(COOH)2- CaHBr(COOH)2 + HBr, 


and proceeds at a velocity suitable for experimental determination 
at a temperature of 100® C. It is clear that the solution becomes 
more and more acid as the reaction proceeds ; the velocity of the 
reaction may therefore be measured by withdrawing portions of 
the solution at definite intervals of time and determining the 
acidity by titration with standard alkali. 

It will be found that the rate of disappearance of the dibromo- 
succinic acid is at every instant proportional to the amount of 
this substance present in the solution or as represented by the 
differential equation 



where C denotes the concentration of the dibromosuccinic acid, 
t the time, and k the velocity constant of the reaction. The 
reaction is therefore a unimolecular one or as it is frequently 
termed a reaction of the first order. In this case, the order of the 
reaction is a true measure of the number of molecules taking part 
in the reaction. 

The few examples which have been quoted will serve to convey 
some idea of the wide applications of volumetric work. For more 
detailed application we must refer the reader to special treatises. 
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SOME EXAMPLES OF VOLUMETRIC DETERMINATIONS 

The following examples of volumetric determinations have 
been given chiefly with the view of illustrating some of the inter- 
relationships between difEerent processes, and also of demonstrating 
the order of magnitude of the errors involved. The determinations 
were all carried out with ordinary measuring vessels which had 
not been calibrated: if accurately calibrated vessels had been 
employed, the results would, of course, have been considerably 
more accurate. 

(1) Determiriation of the strength of a solution of ^potassium 
dichromate by means of ferrous amrmnium sulphate 

A quantity of the double iron salt was purified by recrystalli- 
zation from hot water, a few drops of dilute sulphuric acid being 
added to prevent the formation of basic salt. After drying the salt 
by pressing between filter paper, a standard solution was prepared, 
and aliquot portions of this solution titrated by means of the 
given solution of potassium dichromate, potassium ferricyanide 
being as usual employed as an external indicator. The following 
results were obtained : 

Weight of ferrous ammonium sulphate taken— 5*960 grammes. 

This salt was dissolved in water with the addition of dilute 
sulphuric acid, and the solution diluted to 200 c.c. 

Two titrations were made with 20 c.c. of the iron solution ; in 
both cases the volume of potassium dichromate required was 
15*0 c.c. 

From this it follows that the volume of the dichromate 
solution which would be required for the complete oxidation of 
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the 5‘950 grms. of the double iron salt (corresponding to 
0*850 grm. of iron) == 150 c.c. 

The strength of the solution of potassium dichromate is 
calculated from the equation 

150a; 294 

0-850”6x 56’ 

from which a;= 0*00496 grm. K2Cr207 per c.c. 

(2) Determination of the amount of arsenious oxide in 
a solution of sodium arsenite by means of pure arsenious oxide 

This determination was carried out by carefully purifying 
some arsenious oxide by sublimation, preparing a standard 
solution of sodium arsenite from this, and titrating first the 
standard solution of alkali arsenite and then the unknown solution 
of sodium arsenite with a solution of iodine of unknown strength. 
The titrations were carried out in the usual manner with the 
addition of excess of sodium bicarbonate to the arsenic solutions, 
and the end-point determined with the aid of starch. The following 
results were obtained : 

Weight of resublimed arsenious oxide taken = 0*898 grm. 

This solid was dissolved in a solution of sodium carbonate 
containing 4 grms. of the solid carbonate, and the liquid diluted 
to 200 c.c. . 

The standard solution of sodium arsenite prepared as above 
described was titrated with a solution of iodine of unknown 
strength. Two titrations with 20 c.c. of the arsenic solution 
required in each case 29*95 c.c. of iodine. 

The given solution of sodium arsenite was next titrated with 
the same iodine solution. 

Two titrations with 20 c.c. of the solution in each case required 
32*1 c.c. of iodine. 

The calculation of the strength of the given solution of sodium 
arsenite is made from the equation : 

Concentration of AS2O3 in the give n s olutio n _ 32-1 
Concentration of AS2O3 in the standard solution 29*95’ 

The standard solution contained 0*00449 grm. of A82O3 per c.c. 
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Therefore the weight of As20g in each c.c. of the given solution 
of sodium arsenite 


32 1 X 0 00449 

= - “ 29 ^^ 


= 0*00481 grm. 


(3) Determination of the strength of a solution of sodium thio- 
sulphate hy means of a solution of sodium arsenite of known 
strength 

The reactions of iodine towards arsenious oxide and towards 
sodium thiosulphate being known, it is a simple matter to deter- 
mine the strength of a solution of this latter substance by titration 
with a solution of iodine, the arsenic value of which is known. 
Accordingly the given solution of sodium thiosulphate was titrated 
with the same solution of iodine which had been used for titrating 
the arsenic solution in (2). Two titrations were made, 20 c.c. of 
the thiosulphate solution required 32*8 c.c. of iodine in each case. , 
In calculating the strength of the solution of sodium thiosulphate, 
it is to be borne in mind that 127 parts by weight of iodine react 
with 158 parts by weight of sodium thiosulphate (anhydrous) with 
formation of sodium iodide and tetrathionate, and that 4 x 127 
parts by weight of iodine are capable of oxidizing 198 parts by 
weight of arsenious oxide. Consequently the equivalent weights 
of sodium thiosulphate and arsenious oxide are in the ratio of 
4 X 158 to 198. 

In the previous determination it was found that 20 c.c. of the 
solution of sodium arsenite containing 0-00481 grm. of AS2O3 per 
c.c. required 32-1 c.c. of iodine solution. The volume of sodium 
thiosulphate solution equivalent to that volume of iodine is 
20x32*1 

clearly — — _ — c.c. or 19*57 c.c. Denoting by y the weight of 
32*0 

NagSgOg per c.c., we determine y by solving the equation 

19-57!!/ _ 4 X 158 

20 X 0-0048i 198 ’ 

from which y = 0*0157 grm. of NagSgOg per c.c. 
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(4) Determination of the strength of a solution of 
potassium dichromate iodometrically 

The solution of potassium dichromate, the strength of which 
was determined by means of recrystallized ferrous ammonium 
sulphate in (1), was treated with excess of potassium iodide in 
presence of a little dilute sulphuric acid and the liberated iodine 
titrated by means of standard sodium thiosulphate. The sodium 
thiosulphate solution was that standardized in (3). As a mean 
of several concordant titrations, it was found that 20 c.c. of the 
dichromate solution required 20*2 c.c. of thiosulphate. The 
strength of the solution of potassium dichromate x in grms. per 
c.c. was therefore obtained by solving the equation 

20a; ^ 294 

20*2 X 0-0157 6 X 158’ 

from which x = 0-00492 grm. of KgCrgOy per c.c. 

Comparing this result with that obtained in (1) in which the 
strength of the potassium dichromate solution was determined by 
means of recrystallized ferrous ammonium sulphate, the difference 
approximates to one per cent. Taking into account the fact that 
the solution of sodium thiosulphate was standardized by a some- 
what indirect method, the agreement between the iron method 
and the iodpmetric method of determining the strength of the 
dichromate solution must be regarded as satisfactory. 

(5) An experiment to illustrate the relative magnitude of the errors 
involved hy differences in the relative volumes of the measuring 
vessels 

In this experiment the strength of a solution of iodine was 
determined by means of the standard sodium thiosulphate in (3) 
placing first the iodine in the pipette and the thiosulphate in the 
burette, and secondly with the thiosulphate in the pipette and the 
iodine in the burette. The relative volumes of the pipette and of 
measured volumes from the burette were then determined by 
weighing the volumes of water delivered from these vessels. 
The following were the results obtained: 
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20c.c. of iodine measured out by the pipette required as a 
mean result 20*3 c.c, of thiosulphate. 

From this determination, the strength of the iodine equals 
12*8 grms. per litre. 

20 c.c. of sodium thiosulphate measured out by the pipette 
required 20*0 c.c. of iodine from the burette. 

This determination gives the strength of the iodine solution as 
12*6 grms. of iodine per litre. It is clear that the agreement 
between the two determinations is of the order of a difference of 
one-and-one-half per cent. This difference cannot possibly be due 
to any difficulty in carrying out the experiments, as the reaction 
between iodine and sodium thiosulphate is one of the most accurate 
reactions with which we have to deal, and the end-point is par- 
ticularly easy to determine. It was therefore of interest to compare 
the relative volumes of the 20c.c. pipette and of 20c.c. of the burette. 

It was found as a mean of several concordant measurements 
that the weight of water delivered from the pipette was 20*12 grms., 
while the weight of water delivered by running out 20 c.c. of 
water from the burette (taken between different points) was 
19*92 grms. This difference was two parts in 200, or in other 
words the volume of the pipette was approximately one per cent, 
greater than that of an apparently equal volume of the burette. 

(6) Standardization of a solution of hydrochloric acid by 
means of sodium 

The hydrochloric acid was prepared so as to approximate to 
normal strength. A weighed piece of freshly cut sodium was 
dissolved in alcohol, and after the metal had been completely 
dissolved, excess of water was added to the solution. The solution 
thus obtained was next titrated with the hydrochloric acid, 
methyl red being used as indicator. 

In the first experiment 0*454 grm. of sodium required 19*7 c.c. 
of hydrochloric acid. 

Denoting by x the weight of hydrogen chloride in grms. per c.c. 
we obtain x by solution of the equation 

19-7x^36*5 
0-454 “ 23 ’ 

from which 0*0366 grm. HCl per c.c. 
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In the second experiment 0*669 grm. of sodium required 28*6 c.c. 
of hydrochloric acid. From which we have 

36-5 

0*659“" 23"’ 

or a; == 0*0366 grm. HCl per c.c. 

The agreement between the two experiments is perfect. It is 
clear that the hydrochloric acid is very nearly of normal strength, 
the normal solution containing 0*0365 grm. HCl per c.c. 

(7) Determination of the strength of a solution of ^potassium 
hydroxide by means of standard hydrochloric acid 

The hydrochloric acid the strength of which was determined by 
sodium in (6) was employed for titrating the solution of potash, 
methyl orange being employed as indicator. 

In two experiments it was found that 20 c.c. of KOH required 
19*5 c.c. of standard HCl. 

Let y denote the strength of the solution of potash in grms. per 
c.c. Then we have 

20f/ 56 

19^5 X () 0366“ 36*5’ 

from which y = 0*0547 grm. per c.c, 

(8) Determmaiion of the strength of a solution of potassium per- 
manganate by means of a standard solution of potassium 
dichromate 

A solution of ferrous sulphate containing sulphuric acid was 
prepared, and aliquot portions of this solution were titrated in 
turn with the standard solution of potassium dichromate in (1) 
and with the solution of potassium permanganate. As a result 
of several concordant experiments it was found that 26 c.c. of 
the iron solution required 24*6 c.c. of potassium dichromate and 
24*3 c.c. of potassium permanganate. 

It is clear that 24*6 x 0*00496 grm. of potassium dichromate is 
equivalent in oxidizing power to 24*3a; grms. of potassium per- 
manganate, where X denotes the weight of potassium permanganate 
in grms. per c.c. It is also an experimental fact that 316 parts by 
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weight of potassium permanganate are equivalent to 490 parts 
by weight of potassium dichromate in oxidizing power. The value 
of X is therefore determined from the equation 

24-3a: 316 

24*6 X 0-00496 490’ 

from which x = 0*00324 grm. KMn 04 per c.c. 

(9) Determination of the strength of a solution of oxalic 
acid by means of standard potash 

Since oxalic acid is a weak acid and potassium hydroxide a 
strong base, phenolphthalein was employed as the indicator. 
The solution of potash in (7) was diluted to one- tenth of its original 
strength, making the strength 0-00547 grm. per c.c. The mean 
result of two concordant titrations was that 20 c.c. of the oxalic 
acid required the addition of 23-35 c.c. of potash, 

20ir ^ 45 

■23*35 x O-00547 56’ 

COOH 

from which x = 0*00513 grm. of | per c.c. 

COOH 

(10) Determination of the strength of the solution of the oxalic add 
in (9) by means of standard potassium permanganate 

The permanganate was that standardized in (8). Aliquot 
portions of the solution of oxalic acid were taken, a small quantity 
of sulphuric acid added to each, and each solution was heated 
before running in the permanganate. In the first experiment, 
the volume of permanganate required for complete oxidation of 
20 c.c. of the solution of oxalic acid was 22-5 c.c., in the second 
experiment it was 22-4 c.c. From these results we have 

20x 5 X 90 

22*45x 0*003^”“ 316 ’ 

COOH 

from which x = 0*00517 grm. of | per c.c. 

COOH 

The difference between the two results in (9) and (10) is less 
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than one per cent., and this order of accuracy is as good as can 
be expected when it is borne in mind that both the potassium 
hydroxide and permanganate were standardized in a somewhat 
indirect manner. 

(11) Determination of the strength of a solution of silver 
nitraie by means of standard hydrochloric add 

The hydrochloric acid prepared in (6) was diluted to one- tenth 
of its original strength as the solution of silver nitrate was prepared 
so as to be of approximately deci-normal strength. Aliquot 
portions of the solution of hydrochloric acid were measured out, 
and excess of calcium carbonate added to each. The contents of 
each flask were then titrated by means of silver nitrate, potassium 
chromate being employed as an indicator. As the mean of two 
concordant titrations it was found that 20 c.c. of the diluted 
hydrochloric acid required the addition of 20*25 c.c. of silver 
nitrate for complete precipitations. The weight x in grms. of 
silver nitrate in each c.c. of the given solution is therefore deter- 
mined by the equation 

20*25a; 170 

20 X 0 00366 36-5' 

from which x = 0*0168 grm. AgNOg per c.c. 

(12) Determination of the atnounts of hydrochloric acid 
and omlic acid in a solution of the mixture 

This mixture was prepared by adding 500 c.c. of the solution 
of hydrochloric acid in (6) to 2000 c.c. of the solution of oxalic 
acid in (9) and (10). Determinations of the specific gravities of 
the constituent solutions and also of the resulting mixture showed 
that the total volume was very nearly 2500 c.c. ; the difference 
betw^een the observed and calculated values of the specific gravity 
of the mixture being negligible. The calculated values of the two 
acids in the mixture were therefore 7*32 grms. of hydrochloric acid 
and 4*12 grms. of oxalic acid (anhydrous) per litre. 

This determination was carried out by titrating the hydro- 
chloric acid by means of standard silver nitrate after addition of 
excess of calcium carbonate to the solution, potassium chromate 
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[oh. 

being employed as an indicator. Then a further quantity of the 
mixture was measured out, and the mixed acids titrated by 
means of standard potassium hydroxide using phenolphthalein as 
indicator. The first experiment determined the weight of hydro- 
chloric acid in a given volume of the mixture From the quantity 
of potash which is required to neutralize a definite volume of the 
mixed acids, it is possible to determine how much of the potash 
has been employed in the neutralization of the hydrochloric acid 
alone. The difference between the amount of potash which has 
been used up in the neutralization of the hydrochloric acid and 
that which has been required for the neutralization of the total 
acid is clearly equal to the amount which has been employed in 
the neutralization of the oxalic acid. 

The standard solution of potash was diluted to one-fifth of its 
original strength making its new strength 0*0109 grm. per c.c. 

It was found that 20 c.c. of the mixed acids required as a mean 
result 30*2 c.c. of potash and also that 20 c.c. of the mixture 
required 40*35 c.c. of standard silver nitrate. 

From the result of the silver nitrate experiment it was found 
that the solution contained 7*29 grms. of hydrochloric acid per litre. 

The weight of potassium hydroxide required to neutralize 

56 X 7*29 

7*29 grms. of hydrogen chloride is clearly equal to - „ v - grms. 

ob*o 

or 11*2 grms. 

The weight of potash required to neutralize one litre of the 
mixture = 50 x 30*2 x 0*0109 grms. or 16*5 grms. 

Hence the weight of potash required for the neutralization of 
the oxalic acid alone equals (16*5 — 11*2) grms. or 5*3 grms. 

Since 56 parts by weight of potassium hydroxide neutralize 
45 parts by weight of oxalic acid (anhydrous), it is clear 
that the weight of oxalic acid neutralized by 5*3 grms. of potash 

45 X 5*3 , 

= — gg — grms. or 4*26 grms. 

The given solution contains therefore 7*29 grms. of hydrochloric 
acid and 4*26 grms. of oxalic acid (anhydrous) per litre. 

* It is. necessary to neutralize with calcium carbonate in order to precipitate 
the very sparingly soluble calcium oxalate, and thereby prevent the precipitation 
of silver oxalate. 
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Calcvlation of the weights of the two acids from a single 
titration with potash 

The total weight of the mixed acids in one litre of the solution 
equals 11*44 grms. 

Let X denote the weight of oxalic acid and y the weight of 
hydrochloric acid per litre, then 

+ 11*44 (1), 

^ + Si = 30-2 X 0 0109 X 50 (2). 

Solution of these two simultaneous equations gave the following 
results : 

X = 3*62 grms. of oxalic acid (anhydrous) per litre and 
y = 7*82 grms. of hydrochloric acid per litre. 

This example is sufficient to illustrate the limitations of the 
accuracy of the general method of determining the amounts of 
two constituents of a mixture when the total weight is known 
from the difEerence between the equivalent weights, a small error 
in the experimental work giving rise to a considerable error in 
the final result especially when the two constituents are not 
present in roughly equal proportions. 
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Abridged List of the Elements and their Atomic Weights (0 = 16 ) 


Element 

Accurate Atomic 
Weight 

Approximate Atomic 
Weight 

Antimony 

Sb 

120-2 

120 

Arsenic 

As 

74-96 

76 

Boron 

B 

11-0 

11 

Bromine 

Br 

79-92 

80 

Cadmium 

Cd 

1124 

112 

Calcium 

Ca 

40-07 

40 

Carbon 

C 

12-00 

12 

Chlorine 

Cl 

36-46 

36-6 

Chromium 

Cr 

62-0 

52 

Copper 

Cu 

63-67 

63-6 

Hydrogen 

H 

1-008 

1 

Iodine 

I 

126-92 

127 

Iron 

Fe 

66-84 

66 

Manganese 

Mn 

54-93 

55 

Nitrogen 

N 

14-01 

14 

Oxygen 

0 

16-00 

16 

Phosphorus P 

31-04 

31 

Potassium 

K 

39-1 

39 

Silver 

Ag 

107-88 

108 

Sodium 

Na 

23-0 

23 

Sulphur 

S 

32-07 

32 

Tin 

Sn 

119-0 

119 

Titanium 

Ti 

48-1 

48 

Uranium 

U 

238-6 

238-6 

Zinc 

Zn 

66-37 

66-4 
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Relation between s'pecijic gravity and percentage composition of 
solutions of hydrochloric acid (in grammes of solute to 
100 gramn^s of solution)* 


(Lunge and Marchlewski) 



Yo 


o/ 

/o 

I 

0/ 

/o 

1000 

0-16 

1-070 

14- 17 

M40 

27-66 

1-005 

1-16 

1-076 

16-16 

1-146 

28-61 

1-010 

2-14 

1-080 

16-16 

1-160 

29-67 

1-016 

3-12 

1-086 

17*13 

1-166 

30-66 

1-020 

4-13 

1-090 

18-11 

M60 

31-62 

1-026 

6-16 

1-096 

19-06 

1-166 

32-49 

1030 

6-16 

1-100 

20 01 

1-170 

33-46 

1-036 

7*16 

1-106 

20-97 

1-176 

34-42 

1-040 

8-16 

l*ll(t 

21-92 

1-180 

36-39 

1046 

9-16 

1*116 

22-86 

1-186 

36-31 

1-060 

10-17 

1-120 

23-82 

1-190 

37-23 

1-066 

11-18 

1-126 

24*78 

1-196 

38-16 

1-060 

12-19 

1-130 

26-76 

1-200 

39-11 

1*066 

13-19 j 

1-136 

26-70 




Relation between specific gravity and percentage composition of 
solutions of sodium hydroxide (in grammes of solute to 
100 grammes of solution) 

Bousfield and Lowry {Phil Trans., 1906, 204 a, p. 263) 


ft ih 

d, j 

% 


% 


o/ 

/o 

0-99918 

0 

1-18868 

17 

1-3728 

34 

1-01065 

1 

1-19973 

18 

1-3830 

35 

1*02198 

2 

1-21079 

19 

1-3933 

36 

1-03322 

3 

1-22183 

20 

1-4034 

37 

1-04441 

4 

1-23286 

21 

1-4136 

38 

1-06664 

5 

1-24386 

22 

1-4235 

39 

1-06666 

6 

1-26485 

23 

1-4334 

40 

1-07777 

7 

1-26682 

24 

1-4432 

41 

1*08887 

8 

1-27679 

26 

1*4529 

42 

1-09997 

9 

1-2877 

26 

1-4626 

43 

M1107 

10 

1-2986 

27 

1-4720 

44 

1-12217 

11 

1-3094 

28 

1-4816 

45 

1*13327 j 

12 

1-3202 

29 

1-4911 

46 

1-14436 

13 

1-3309 

30 

1*6007 

47 

1-16646 

14 

1-3416 

31 

1-6102 

48 

1-16663 

16 

1-3620 

32 

1*6196 

49 

1-17761 

16 

1-3624 

33 

1-6290 

60 
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1 

2 

3 

0043 

0086 

0128 

0453 

0493 

053* 

0825 

0864 

0899 


1 20b 

1239 

1492 


1553 

1790 

1818 

1847 

2068 

2095 

2122 

2330 

2355 

2580 

2577 

2601 

2625 

2810 

2833 

2856 

3032 

3054 

3075 

3243 

3263 

3284 

3444 

3464 

3483 

3636 

3655 

3674 

3820 

3838 

3856 

3997 

4014 

4031 

4166 

4183 

4200 

4330 

4346 

4362 

44»7 

4 S 0 » 

45»8 

4639 

4654 

4669 

4786 

4800 

4814 

4928 

4942 

4955 

5065 

5079 

5092 

5198 

5211 

5224 

53 J 8 

5340 

5353 

5453 

5465! 

5478 

5575 

5587 

5599 

5694 

5705 

5717 

5809 

5821 

5832, 

5922 

5933 

5944 

6031 

6042 

6053 

6138 

6149 

6160 

6243 

6253 

6263 

6345 

8355 

636s 

6444 

6454 

6464 

6542 

6551 

6561 

6637 

6646 

6656 

6730 

8739 

6749 

6821 

6830 

6839 

6911 

6920 

6928 

6998 

7007 

7016 

7084 

7093 

7101 

7168 

7177 

7185 

7251 

7259 

7267 

7332 

7340 

7348 


123 460 789 


0212 

0253 

0607 

0645 

0969 

1004 

1303 

133s 

1614 

1644 

1903 

1931 

2175 

2201 

2430 

2455 

2672 

2695 

2900 

2923 

3118 

3139 

3324 

3345 

3522 

3541 

3711 

3729 

3892 

3909 

4065 

4082 

4232 

4249 

4393 

4409 

4548 

4564 




0294 

0334 

0374 

0682 

0719 

0755 

1038 

1072 

1106 

1367 

1399 

1430 

1673 

1703 

1732 

1959 

1987 

2014 

2227 

2253 

2279 

2480 

2504 

2529 

2718 

2742 

2765 

2945 

2967 

2989 

3160 

3181 

3201 

3365 

3385 

3404 

35^ 

3579 

359S 

3747 

3766 

3784 

3927 

3945 

3962 

4099 

4116 

4133 

4265 

4281 

4298 

4425 

4440 

4456 

4579 

4594 

4609 

4728 

4742 

4757 

4871 

4886 

4900 

5011 

5024 

5038 

S «45 

5159 

5172 

5276 

5289 

5302 

5403 

5416 

5428 

5527 

5539 

5551 

5647 

5658 

5670 

5763 

5775 

5786 

5877 

5888 

5899 

5988 

5999 

6010 

6096 

16107 

6117 

6201 

6212 

6222 

6304 

6314 

6325 

6405 

6415 

6425 

6503 

6513 

6522 

6599 

6609 

6618 

6693 

6702 

6712 

6785 

6794 

6803 

6875 

6884 

6893 

6964 

6972 

6981 

7050 

7059 

7067 

7135 

7143 

715* 

7218 

7226 

7235 

7300 

7308 

7316 

7380 

7388 

7398 
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INDEX 


Accuracy of volumetric analysis, 1, 8, 

10 , 11 

Acidimetry, 66 et seq. 

Alkalimetry, 66 et seq. 

Ammonium salts, determination of, 76, 
77, 111, 112 

Antimony, determination of, 43 
Arsenious oxide, determination of (ex- 
ample), 110; determination of 
thiosulphate by (example), 120; 
standardization of iodine o^, 41, 42 
Available ehlorine, determination of, in 
bleaching powder, 52, 99 

Barium hydroxide (baryta water), use 
of, in acidimetry, 81 
Borax, determination of, 80 
Bromides, determination of, 56 et seq. 
Burettes, use of, 7, 8, 12 (fig.) 

Cadmium, determination of, 29 
Calcium, determination of, 26; car- 
bonate (Iceland spar), use of, for 
standar^zing acids, 71, 72 
Calculation of results, 4, 10 
Carbonates, titration of, 8, 9, 68, 74, 
76 

Chlorates, determination of^ 60 
Chlorides, determination of, 56 et seq. 
Citric acid, titration of, 79 
Copper, determination of, 27, 28, 51, 
96; 97 

Clyanides, determination of, 61, 62 

Bichromate (potassium), determina- 
tions with, 34 et seq. ; deter- 
mination of the strec^h of a 
solution of (examples), 118, 121; 
standardization of a solution of 
sodium thiosulphate by, 48, 49 

Equivalent weights, meaning of, 2, 3, 4 
Errors in indirect analysis, S), 78, 127 ; 
in ordinary analysis, 8, 9, 10, 11 ; due 
to measuring vessels (example), 121 


Ferric salts, determination of, 19, 20, 
21, 22. 36, 53, 98 

Ferrocyanides, determination of, 22 
Ferrous salts, determination of, 19, 34 
Formaldehyde, determination of, 102 
Formic acid, determination of, 31 

Halides, determination of, 56 et seq. 
Hardness of waters, determination of, 
106, 107, 108, 109 

Hydrochloric acid, behaviour of, on dis- 
tillation, 74; determination of, by 
silver nitrate, 57, 58; by sodium 
(example), 122; determination of 
silver by (example), 126 ; of a mixture 
of sodium chloride and, 111; of 
a mixture of oxalic acid and (ex- 
ample), 126, 126, 127 ; use of per- 
manganate in presence of, 23, 24, 25 
Hydrogen peroxide, determination of, 
22 60 

Hydn^lysis, 14, 66, 82, 83, 86, 92 

Indicators, theory of, 82 et seq. 
Iodides, determination of, 66 et seq. 
Iodine determinations with, 40 et seq. 
Iron, determination of, see ferrous and 
ferric 

Litmus, 67 

Manganese, determination of, 32; di- 
oxide, valuation of, 29, 30, 64 65 
Methyl orange, 68, 86 
Methyl red. 69 

Normal solutions, 4, 5 

Orthophosphoric acid, titration of, 78, 79' 
Oxalic acid, standardization of perman- 
ganate by, 18, 19; determination of 
(examptles), 124 ; and sulphuric acid, 
determination of. 110 
Oxidizing agents, determination of, 23,. 
49 et seq. 
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Paranitrophenol, 69 
Partition coeflScients, determination of, 
116 

Permanganate (potassium), determina- 
tions with, 16 et seq. ; determina- 
tion of, by potassium diohromate 
(example), 123; titration of dihy- 
droxytartaric acid by, 105, 106 
Phenolphthalein, 67, 68, 83, 84, 85 
Phosphates, determination of, 102, 103 
Pipettes, use of, 7, 8, 12 (fig.) 

Reactions in aqueous solution, 14 

Silver nitrate, determinations with, 66 
et seq. 

Sodium, determination of, 104, 105, 106 
Solubilities, determination of, 113, 114 
Standard solutions, preparation and 
storage of, 11, 12, 13 
Sulphides, determination of metals 
which form insoluble, 28, 29 
Sulphur dioxide, determination of, 44 


Sulphuretted hydrogen, determination 
of, 46 

Thermal expansion of solutions, 13 
Thiocyanate (ammonium), determina- 
tions with, 63, 64, 66 
Thiosulphate (sodium), determination 
of iodine with, 47 et seq.; deter- 
mination of the stren^h of 
solution of (example), 120 
Tin, determination or, 44 
Titanous chloride, determination of 
ferric iron by, 98 

Velocity of reaction, 116, 117 

Water of crystallization (in sodium 
carbonate), determination of, 74 

Zinc, determination of, by perman- 
ganate method, 29 ; of, by potassium 
ferrocyanide 100; of, by sodium 
sulphide, 101 
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